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ABSTRACT 


It is shown that the emission spectra of manganese activated zinc ortho- 
silicate, zine beryllium silicate and calcium silicate can be expressed as the 
sum of several Gaussian distribution curves. The observed distributions 
for zine orthosilicate and for calcium silicate can be fully given as the sum 
of three bands, while that of zine beryllium silicate requires five bands. 
In general, only the amplitude of the bands is affected by changes in compo- 
sition with their location and sharpness remaining unchanged. 

Based on the hypothesis that transitions between energy levels of man- 
ganese ions in the crystal lattice are responsible for the emission of visible 
light, tentative assignments are given for the transitions responsible for each 
observed bands. 

The geometry of the crystal lattice is shown to influence the location of 
the bands as exemplified by the difference between zine silicate and calcium 
silicate. Modifying ions, such as beryllium, are shown not to affect the 
band locations though they cause the development of new bands not 
previously observed in the unmodified phosphor. A hypothesis for this 
appearance of new bands is proposed in terms of a change in electron spin. 

INTRODUCTION 

In a recent paper (1), a new hypothesis was proposed to explain the 
fluorescence of certain silicate phosphors activated by manganese. It was 
predicted that several discrete bands would be found in the emission 
spectrum and their location would be determined by the energy levels of 
manganese. In the present paper the emission spectra of zine beryllium 
silicates containing: 

(a) constant manganese and variable beryllium 

(b) constant beryllium and variable manganese 
are analyzed graphically as the sum of several Gaussian distributions and 
it is shown that the whole observed spectrum for any single zinc beryllium 
silicate is a composite of four or five discrete bands. The location and the 
modulus of these bands is independent of composition and only the relative 
intensity of the bands varies. This changes the color of the emitted light 
through a rather wide range from green to reddish orange. 

Results of similar analyses are given for the green zine orthosilicate and 
the reddish calcium silicate, activated by a combination of lead and 
manganese. 


REVIEW OF PREVIOUS STUDIES 
One of the first attempts to analyze the light emitted by phosphors was 
made by Lenard (2), who speculated that the light emission of phosphors 


1 Manuscript received February 3, 1948. This paper prepared for delivery before 
the Columbus, Ohio, Meeting, April 14 to 17, 1948. : 
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should resemble that of atoms and consequently the intensity should have 
a Gaussian distribution. This lead was followed by Borrisow (3), Schellen- 
berg (4), and Kutzner (5), with the latter two investigators introducing the 
use of frequencies rather than wavelength as the basic variable. The most 
recent studies are those of Henderson (6) and Lord et al. (7). The equation 
of these last investigators is used for the present study. 

These studies seem to have established fairly definitely that the observed 
intensity of the light emitted by phosphors may be expressed as the sum of 
several bands with the intensity of each band being expressible as a Gaus- 
sian distribution. 

In the present work, the simple graphical method of Henderson was used 
rather than the more complex algebraic methods attempted by earlier 
investigators as it is felt that the precision of the measurements, the re- 
producibility of phosphor composition and the complexity of the band 
structure made the algebraic approach of uncertain value. 


EXPERIMENTAL METHODS 


The method of preparation of the phosphors varied with the particular 
compound required. For example, the zine beryllium silicate phosphors 
were made by milling together zine oxide, beryllium oxide, manganous 
carbonate, and silicic acid. The blend of raw materials was fired in silica 
vessels for periods of 2 to 6 hours at 2150 to 2250°F. and the phosphors of 
maximum brightness selected for further test. 

The calcium silicates (8), activated by lead and manganese were sim- 
ilarly formed by milling together calcium carbonate, silicic acid, manganese 
carbonate, and a lead compound. This milled mixture was also fired in 
silica vessels for 4 to 6 hours at temperatures between 2000° and 2200°F. 
and suitable samples selected for testing. The selected phosphors were 
ground in butyl acetate to suitable fineness, nitrocellulose lacquer added, 
and the milled suspension adjusted to give the correct coating thickness on 
the lamp bulb. The coated bulbs were baked to remove the binder, 
electrodes sealed in, and the lamp exhausted on production equipment. 
Twenty watt lamps, of the usual fluorescent type, were made. 

The spectral energy distribution of the lamps was measured on a spectro- 
radiometer built by the Flushing Laboratories of the Central Engineering 
Division of Sylvania Electric Products, following a design by Mr. 8. L. 
Parsons. A description of the instrument will be published shortly. The 
exit slit of t his radiometer is cam driven to pass a 0.01 micron band through- 
out the spectrum from 0.36 to 0.68 microns. It records the relative energy 
on a strip chart with a uniform wavelength scale and a uniform energy 
scale. The instrument is normally set so that a tungsten lamp operated 
at 2848°K color temperature gives full scale deflection at 0.68 microns, 
when the light is reflected from a magnesium oxide surface. 


MATHEMATICAL BACKGROUND AND METHOD OF APPLICATION 


The mathematical form of the Gaussian distribution curve is very well 
known and need not be reviewed except to indicate the constants used and 
the methods employed to obtain fits on the observed energy distribution 
curves. 

The general Gaussian expression y = Ae-*’'*** was used in the form sug- 
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gested by Lord et al. (7), with y being the product \2Z,, where ) is the wave- 
length in microns and E , is the relative energy at wavelength \, expressed 
asa percentage of the energy obtained from a 2848°K tungsten lamp at 0.680 
microns, in the spectroradiometer set-up. A and o are parameters of the 
distribution and x = 1/A — 1/A,; with the units of 1/X being em.-'. For 
brevity, the value of y is called the relative energy, even though it is a 
slightly different function. Using this expression master curves. were 
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Fic. 1. Method of analysis of spectral energy distribution curves, illustrated for a 
zine beryllium silicate containing 0.125 mols BeO and 0.064 mols MnO 


TABLE I 


Band 1/A» cm=! o cm! A 
D 19080 550 20 
B 16400 1000 16 
D 18300 550 24 
E 17300 650 3 


TABLE II. Estimated errors in components for zine beryllium silicate 


1/A>o, em 19, 080 18,300 17,300 16, 400 
Error in 1/d +40 +80 +120 +40 
Error in A values +57, +10% £15 +5% 
¢,cm 550 550 600 1,000 
Error in ¢ a +20 +50 +100 +20 


plotted for y against x with suitable intervals of A and ¢. It may be 
remarked that A is the maximum ordinate where « = 0 and g is the value of 
x when y = 0.6074. 

In the case of zinc beryllium silicate a few trials quickly showed that the 
short wavelength sides of the energy distribution curves were fitted by 
curves with ¢ = 550 cm.—' while the long wavelength sides were generally 
well fitted by curves with ¢ = 1000cm.—'. Using the master curves giving 
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the closest fit on the sides of the experimental curve, values of A were as- the 
signed to these two bands and 1/\, found. Subtracting these two bands sinc 
from the experimental data left a residual distribution curve, which was I 


similarly fitted with additional bands. 

The process is illustrated in Fig. 1 where the successively determined 
Gaussian distribution curves are shown for a zinc beryllium silicate. A 
and B are the first bands determined, while curve C' is the residual dis- 
tribution after A and B are subtracted from the experimental data. D 


TABLE IIL. Zine beryllium silicates with variable zine beryllium ratio 


Values of A for 1/X, of 






















































Mols Be Mols Zn 
19,080 18,300 17,300 16,400 
-000 2.000 95 12 10 _ 
-027 1.973 60 20 13 
064 1.936 40 28 16 3.2 
-125 1.875 20 24 13 16 
-216 1.784 10 20 10 30 
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Fig. 2. Analysis of the energy distribution curve for atzince beryllium silicate con- 
taining 0.027 mols BeO and 0.064 mols MnO 


is the next band determined and £ is the final residual curve. For this 

distribution we have four bands with the parameters given in Table I. tair 

Due to this graphical method of fitting the curves the accuracy of setting 

1/X., A and o grows progressively worse with successive components. The pa: 

estimated accuracy of the parameters is given in Table II. thi 
Zinc beryllium silicates with constant Mn content - 


The method of graphical analysis outlined in the previous section was 
applied to a specially prepared series of zine beryllium silicates in which the 3. 
manganese was held constant at 0.064 mols, the silicic acid at 1.12 mols and 
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the sum of the zine and the beryllium held at 2.00 mols with the ratio of 
zinc to beryllium being varied in steps. 
The results of the analysis are shown for 4 samples in Fig. 1 to 4 and the 
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Fig. 3. Analysis of the energy distribution curve for a zine beryllium silicate con 
taining 0.064 mols BeO and 0.064 mols MnO 
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Fic. 4. Analysis of the energy distribution curve for a zine beryllium silicate con- 
taining 0.216 mols BeO and 0.064 mols MnO 


parameters 1/A, A and o are listed in Table III. The striking features of 

this analysis are: 

1. Four bands are sufficient to describe the observed distribution. 

2. The wavelengths of the centers of these bands is invariant with 
composition. 

3. The sharpness of the bands, as shown by their ¢ value, is also invariant 

with composition. 
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4. The amplitudes show a smooth variation with composition. 

The variation of amplitude, A, with composition given in Table III is 
shown in Fig. 5. In this figure the cube root of the number of mols of 
beryllium oxide, used as the independent variable, brings out the relation 
of the amplitude to the linear spacing between beryllium atoms. 
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Fig. 5. Variation of the amplitude of the spectral energy distribution components 
with beryllium concentration in zine beryllium silicates 
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Fic. 6. Analysis of the energy distribution curve for a zine beryllium silicate con- 


taining 0.20 mols BeO and 0.061 mols MnO 


It is interesting to note that the intersection of the 19080 line with the 
zero axis occurs at 0.30 mols BeO, which is approximately the point at 
which the zine silicate lattice becomes saturated with Be as shown by the 
change in lattice spacing in the x-ray diffraction pattern. It also seems of 
some significance that when the 16,400 band appears, the 17,300 and 18,300 
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bands start to decrease after initially increasing slowly. A reason for this 
behavior will appear later in the discussion. 


Zine beryllium silicates with constant Be/Zn ratio 





In the preceding section, the effect of beryllium to zine ratio on the color 
of the light emitted by manganese activated zine beryllium silicates has 
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Fic. 7. Analysis of the energy distribution curve for a zine beryllium silicate con- 
taining 0.20 mols BeO and 0.085 mols MnO 
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Fig. 8. Analysis of the energy distribution curve for a zinc beryllium silicate con- 
taining 0.20 mols BeO and 0.121 mols MnO 


been analyzed. The color of the light can also be modified by changing 
the manganese content in phosphors with a constant ratio of zine. to 
beryllium. 

¥ To study this effect in some detail, another series of phosphors was pre- 
pared using 0.20 mols of BeO to 1.80 mols of ZnO with the manganese 
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TABLE IV. Zinc beryllium silicates with variable Mn content 
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Fic. 9. Analysis of the energy distribution curve for a zine beryllium silicate con- 
taining 0.20 mols BeO and 0.135 mols MnO 
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Fic. 10. Analysis of the energy distribution curve for zinc orthosilicate containing 
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being then varied over a range. Fig. 6 to 9 show the analysis of the 
\2Z) curves for these phosphors; Table IV lists the parameters found. In 
this phosphor system, as in the system with varying beryllium content, 
only the amplitudes of the components vary. There is one difference 
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Fic. 11. Analysis of the energy distribution curve for zine orthosilicate containing 
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Fic. 12. Analysis of the energy distribution curve for a calcium silicate containing 
0.022 mols of MnO 

{ which should be noted. With increasing manganese content a new band 

' appears centered at about 15,300 em! with a o of 650 em. 

i 

F Zine orthosilicate 

' 
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An analysis was made of the energy distribution curves of zine ortho- 
silicate phospors with varying manganese contents and the results for two 
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Fic. 14. Analysis of the energy distribution curve for a calcium silicate containing 
0:066 mols MnO 


of these are given in Figure 10 and 11. It is interesting to note that the 
strong band of the orthosilicate is centered at the same wavelength as the Pe 
shortest band of the zine beryllium silicates. A more important feature 
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of the analysis is found in the fact that the other two bands are also those 
occurring in the zine beryllium silicates; this indicates that the emitting 
center is the manganese atom and that the position of the energy levels is 
not affected by the replacement of zine by beryllium. The amplitudes of 
the various bands is considerably affected by the increased manganese 
content with the 19,080 band decreasing to 50 per cent of its value with low 
manganese content and the amplitude of the other two bands increasing 
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Fic.15. Variation of the amplitude of the spectral energy distribution components 
with manganese, in calcium silicates 


TABLE V. Calcium silicates with var ying manganese 


Values of A for 1/X, of 


Mols Mn 
16,100 17,100 17,960 
O11 8.0 3.0 12.0 
-022 14.0 5.0 12.0 
-033 16.0 4.5 12.0 
044 24.0 6.5 12.( 
“066 24.0 6.5 6.0 


considerably. The short wave band is still sufficiently intense, however, to 
make the color appear green rather than yellow. 


Calcium silicate with variable manganese 
Manganese activated calcium silicate is responsive to 2537 A radiation 
if lead is present in the lattice. This phosphor, described in a recent 
paper (8), has two emission bands, the first in the long ultraviolet and the 
second in the orange-red region of the spectrum. 
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The orange-red emission of this phosphor has been analyzed with results 
shown in Fig. 12 to 14 with only the manganese content being varied. A 
comparison with the results of the zine beryllium silicate analysis shows 
striking similarities as well as striking differences. 

1. The location of the bands is invariant to composition. 

2. The sharpness of the bands is invariant to composition. 

3. Three bands only are found for this phosphor. 

4. The location and sharpness of the bands differs from that of the zine 
beryllium silicates. 

The variation of the parameters with composition is given in Fig. 15 and 
are listed in Table V. In this system we have a gradual build-up of the 
16,100 band with the other two remaining nearly unchanged. 

DISCUSSION 

In a previous paper (1), it was suggested that the emission spectra of 
manganese activated crystal phosphors was due to electronic transitions in 
the excited manganese ion with the energy levels for the ion in the crystal 
lattice being related to those of the free ion. In the analysis of the emission 
bands, reported in the present paper, three parameters were found to vary: 
(a) 1/A., the location of the center of the band (b) o, the width of the 
band (c) A, the amplitude or intensity of the band. 

The variation in A and o for the various emission bands gives valuable 
information on the binding energies between the excited ions and the rest 
of the lattice; the details, however, have not yet been fully explored and a 
discussion will be reserved for a later paper. 

The number of bands present in the emission spectrum and the location 
of their centers has been found to be governed by certain rules, which can 
be briefly stated: 

1. The number of bands and their location is somewhat affected by the 
crystal lattice, with calcium silicate having a band system considerably 
different from that of zine beryllium silicate. 

2. Substitution of beryllium for zine does not change the location of the 
band centers but radically changes the amplitudes. 

3. Increase in activator concentration does not change the location of the 
band centers but does change the amplitude. 

4. With changing composition, some bands are almost completely 
suppressed. 

We believe that this behavior of the emission bands confirms the previous 
suggestion and that the following picture can be sketched for the emission 
of manganese activated phosphors: 

1. Each transition between energy levels of the excited manganese ion in 
the crystal lattice is responsible for a single emission band. 

2. The energy levels are determined in part by the geometry of the crystal 
lattice. 

3. The probability that a particular energy level will be attained by the 
excited electron is influenced by the change in the composition of the 
crystal. As Be is introduced the electron tends to enter the ®*P° and 
®F° levels rather than the *D° level. 

4. The spin of the electron is unchanged in normal transitions so that we go 

from the °S state of the unexcited ion to the *D° etc. levels of the highly 

excited states and then revert to the *D excited level, with emission 
of visible light. 
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When the lattice is sufficiently distorted by introduction of foreigr ions 
of widely different radius, e.g. beryllium, the spin may be changed during 
excitation and we have levels such as *D®° putting in an appearance and 
the ®P° and ®F° levels are less completely filled, so the 18,300 and 17,300 
cm.—! bands decrease in amplitude. 
On the basis of the theoretical findings of the previous paper and the 
experimental data presented in this paper, we have made tentative assign- 
ments of energy level transitions to the band systems of zine beryllium 
silicate and calcium silicate. These are given in Table VI. In this table 
the odd levels, *D°, ete., refer to a 3d44p configuration and the even levels 
to a 3d*4 configuration while the unexcited ®S level has a 3d° configuration. 

The minor modification of the lattice caused by increasing the concentra- 
tion of manganese is reflected in the change in intensity of the various 
bands; the drastic modification caused by introduction of beryllium causes 
a radical change from the green emission of zine orthosilicate to the orange 
red emission of zine beryllium silicates. 

The effect of geometry of the crystal lattice is readily seen in the difference 
between zine silicate and calcium silicate. In both cases, it is probable that 
manganese replaces the cation of the lattice. In the first lattice zine has 


TABLE VI. _ Relations of band locations to energy level transitions 





Band Location 
Energy Level Transition 


Zinc Beryllium Silicate Calcium Silicate 


‘D° to4D 18,300 _ 
‘F° to*D 16,400 _— 
4P° to4D 15,300 = 
*D° to*D 19, 080 17,960 
6P° to*D 18,300 17,100 
6F*° to*D 17,300 16, 100 


a co-ordination number of 4, that is, it is surrounded by and bound to four 
oxygen atoms. In contrast, we find a coordination number of 8 for cal- 
cium in the calcium silicate lattice. Due to this difference in binding, 
the displacement in the manganese energy levels is difference in these two 
silicates and consequently the band systems are different. It is important 
to note that only three bands are present in each of these phosphors. 
This contrasts with the distorted zine beryllium silicate lattice where 
two additional bands are found; this may be attributed to the change in 
electron spin during excitation.? 
; CONCLUSION 

Kxperimental evidence, confirming the theory that the emission spectrum 
of manganese activated phosphors can be explained by electronic transi- 
tions occurring in excited manganese ions, has been presented. Discussion 
of the data has been limited to explaining the location of these bands in 
terms of the energy levels of the ions and probable transitions have been 

2G. Szigeti, E. Nagy, and E. Makai in a letter (Jour. Chem. Phys. 15: 881 (1947) 
give the results of an analysis of the emission spectra of zine beryllium silicate as the 
sum of Gaussian distribution curves, placing the location of the maxima at 19,049, 
18,400, 17,500, and 16,617 em.~!. They attribute the fluorescence to manganate and 


permanganate ions. The experimental agreement on bani location between these 
investigators and the present work is surprisingly close. 
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assigned. It is hoped that in future papers this work may be extended 
to other phosphors, especially lead activated compounds, and that the 
implications of band width and amplitudes in terms of binding energies 
between the ions of the crystal lattice may be discussed. 
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F. A. KROEGER AND J. E. HELLINGMAN 
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ABSTRACT 


It is shown that the ions Cl-, Br~, and I~ play an essential part in the 
blue centers of ZnS-Ag, ZnS-Zn, and ZnS-Cu phosphors. The centers 
are assumed to be Ag*Cl-, and CutCl-, respectively, (or the corresponding 
bromides and iodides), and to occupy normal zine and sulfur sites in the 
zine sulfide lattice. The spectral distribution of the fluorescence is the 
same for the centers containing chlorine or bromine ions; Ag, Zn, and Cu 
cause bands at slightly different wave lengths. 

A difference in peak positions for wurtzite and sphalerite is explained by 
the difference in separation between the upper occupied and the lower 
empty energy band of the base lattice. 

INTRODUCTION 

Fluorescent zine sulfide is usually made by heating pure zine sulfide 
together with a small amount of an activator and a certain amount of an 
inorganic material with a low melting point, the so-called flux. De- 
pending upon the activator and the flux, different emission bands occur in 
the fluorescence. Manganese causes an orange fluorescence, copper a 
green or a blue fluorescence, and silver a blue fluorescence, while another 
blue fluorescence found in unactivated zine sulflde is usually attributed 
to an excess of zinc. 


1 Manuscript received January 16, 1948. This paper prepared for delivery before 
the Columbus, Ohio, Meeting, April 14 to 17, 1948. 
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The flux has a double function. In the first place it enhances crystal- 
lization by forming a melt in which the zine sulfide can partly dissolve and 
thus recrystallize. It has often been assumed that this effect is the most 
important one. Schlegel (1) has given reasons why chlorides are especially 
suitable for this purpose. There is, however, evidence for a second effect. 
The blue band of unactivated zine sulfide, for example, is found in samples 
made with NaCl as a flux at a temperature above 600°C. <A product of 
the same degree of crystallization, obtained by heating the zine sulfide 
without flux at a considerably higher temperature (1250°C.), on the other 
hand, does not show the blue fluorescence. Such effects require the exist- 
ence of a specific influence as suggested by Glassner (2), Randall (3), 
Strange (4), and Guntz (5). 

tothschild (6) has shown that the specific influence is mainly due to the 
negative halide ions Cl- and Br-, and in a slight degree also to I-, while 
F~ is ineffective; the positive ions of the flux were of secondary importance. 
The ineffectiveness of fluoride in causing the blue fluorescence has also 
been observed by Kutzner (7%. According to Rothschild the halide ions 
are only necessary for the blue emission under excitation with long ultra- 
violet radiation (3650 A), but not for excitation with cathode rays. The 
halide ions are assumed to cause an absorption of long wave ultraviolet, 
their effect being in principle a sensitization. In the following we shall see 
that this view is not correct. 


EXPERIMENTAL 
Preparation of stoichiometric ZnS 


Zine sulfide was prepared by precipitation from purified solutions of 
zine acetate or sulfate with hydrogen sulfide. The precipitate was thor- 
oughly washed and then dried in a vacuum. In order to remove organic 
material which was sometimes present in the product, the sulfide was heated 
for one half hour at 8CO°C. in an atmosphere of SO.. In this manner part 
of the sulfide was oxidized to zine oxide; it had a yellow color and showed a 
green fluorescence without any afterglow. 

By reheating the preparation for one hour in H.S at the same tempera- 
ture pure white zine sulfide was obtained. Its identity was established in 
three different ways: X-ray diffraction patterns, chemical analysis, and 
by its fluorescence. The product is not fluorescent in the visible, but shows 
the fundamental ultraviolet fluorescence of zine sulfide upon excitation 
with wavelengths shorter than 3350 A at —180°C. (8). The intensity of 
this fluorescence is low due to the poor state of crystallization. However, 
the occurrence of the ultraviolet band does prove that the product is free 
from zine oxide, for zine oxide, having a strong absorption below 3800 A, 
would suppress any emission completely. We have also used pure com- 
mercial zine sulfide made by Orr in England. Since this product contained 
some chlorine, it was dechlorinated by heating for 2 hours at 1050°C. in a 
current of pure hydrogen. 

\ portion of the sample showed a green fluorescence; this was especially 
true of material which was nearest the entrance of the gas stream. We are 
not quite certain whether this is a characteristic effect, or whether it is due 
to unexpected impurities in the hydrogen. We used only the non-flu- 
orescent fraction. In order to avoid complications which might arise 
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because of the possible formation of an excess of zinc, the sulfide was 
heated afterwards for four hours in H.S at 1000°C. This preparation has 
nearly the same characteristics as our own product. 


ZnS-Zn 


Heating of the pure sulfide at 1250°C. in H.S causes a marked recrystal- 
lization. The intensity of the ultraviolet luminescence at — 180°C. in- 
creases considerably, but the products do not show luminescence in the 
visible. 

Heating with the addition of 5% NaCl, NaBr, or Nal, at 1000°C. in 
H.S gives products with a blue fluorescence. NaF did not cause this 
emission. NaF containing 5% NaCl, however, does give the blue flu- 
orescence. This proves that the fluorine ions, though unable to cause the 
blue fluorescence themselves, do not quench this emission. The blue 
fluorescence is also developed by heating in an atmosphere of HC! (or 
HBr) or of mixtures of H.S with HCI (or HBr). 

The sulfide was placed in a quartz tube*of 1 x 5 em. closed at one end, 
and this in turn was placed in a wider quartz tube through which the gas 
was passed. When the sulfide was heated in a wide crucible, allowing 
closer contact with the atmosphere, a large fraction of it evaporated in 
the form of ZnCl, or ZnBrs. In the present case of unactivated zinc 
sulfide this is of little concern. With activated sulfide, however, an un- 
desirable increase in the activator concentration results from this loss. 
The gases were generated separately in different Kipp apparatus: the 
H.S from a solution of NaS with 30% HCl, the HCl from solutions of 
NaCl with H.SQO,, and the HBr from tetraline with Bre. The gases were 
dried over calcium chloride and then mixed in the desired proportions. 

Products made in H.S-HCl mixtures of various compositions show an 
increasing blue fluorescence with higher HCl content of the atmosphere 
while the intensity of the fundamental emission of ZnS decreases. Fig. 1 
shows this effect quantitatively for a series of products prepared at 1200°C.* 
Heating in atmospheres of Hs-HCl produces qualitatively the same effect, 
but the increase in the intensity of the blue fluorescence and the decrease 
of the ultraviolet emission occurs now at lower contents of HCl. This 
can be understood if it is assumed that the blue fluorescence requires the 
replacement of sulfur ions by chlorine ions. This occurs rapidly in the 
H.-HC1 atmosphere which does not contain any sulfur. In H.S-HCl, on 
the other hand, both sulfur and chlorine may be active and accordingly the 
replacement of sulfur by chlorine becomes appreciable only with a higher 
percentage of HCl in the mixture. 

The increase in intensity of the blue fluorescence is accompanied by an 
increase in the absorption at the long wave side of the fundamental absorp- 
tion. Fig. 2 shows this effect as measured in reflection (9).2. The edge of 
the fundamental absorption of zinc sulfide remains at the same position 
and a new absorption band appears between 3400 and 4000 A, similarly as 
has been observed for ZnS-Cu (10). 

? In all figures of this paper the phosphor is characterized by a symbol which is 
based on an assumption with respect to the nature of the centers as discussed at the 
end of the paper. . 

8’ The increase of the reflection above 100% at wavelengths above 4000 A is not 
real; it is due to blue fluorescence caused by the absorption of radiation of shorter 
wavelengths. 
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The blue fluorescence may be excited either by oa ular rays (a, 8), 
or With ultraviolet of wavelengths shorter than 3350 A in the absorption 
band of the base lattice, or with ultraviolet of Rater ete: Bs between 3400 
and 4000 A in the new absorption band. In all cases the intensity in- 
creases with the concentration of HCl in the atmosphere used in the 
preparation (Fig. 3). This proves that we do not have to deal with a 
sensitization but that the chlorine is necessary for the formation of the 
blue centers. The absorption between 3400 and 4000 A is the absorption 
band of the centers themselves. Both the absorption and the blue flu- 
orescence disappear if the sample is reheated in a current of H.S, He, or N» 
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Fic. 1. Intensity of the fundamental fluorescence and of the blue fluorescence of 
ZnS- ZnCl as a function of the composition of the atmosphere of preparation, after 
excitation with 2537 A at —180°C. 





which does not contain any chlorine. At the same time the ultraviolet 
fluorescence of ZnS appears again; Fig. 4 demonstrates this effect. The 
chlorine evaporates as ZnCl, and the blue centers are destroyed. Obvi- 
ously this reaction starts at the surface. Therefore, the fluorescence 
excited by strongly absorbed radiation (2537 A) varies more rapidly than 
the fluorescence excited by radiation which is absorbed more faintly 
(3650 A). 

Fig. 5 shows an orbital energy diagram of zine sulfide with blue centers. 
Various electronic transitions are indicated by arrows, while the cor- 
responding absorption and fluorescence spectra are schematically drawn 
underneath. The fundamental absorption of zine sulfide corresponds to 
an electronic transition from the upper occupied (S*~-) band to the lower 
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unoccupied (Zn*) band and the fundamental fluorescence corresponds to 
the reverse process. The blue fluorescence and the absorption between 
3400 and 4000 A correspond to the transition between the conduction band 
and the level introduced by the blue centers. In both cases the difference 
in wavelength between absorption and emission is due to an adaptation of 
the lattice after excitation (Franck-Condon principle). The disappear- 
ance of the fundamental fluorescence which accompanies the formation 
of blue centers and the recurrence of this band when the blue centers are 
destroyed are explained by two combined effects. Excitation liberates 
electrons from the occupied band to the conduction band and holes remain 
behind; recombination is accompanied by fluorescence. If no blue centers 
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Fic. 2. Reflection spectra of ZnS heated at 1200°C in atmospheres of H.S-HC 
ol various compositions 


are present, electrons in the conduction band can recombine only with 
holes in the occupied band with resulting fundamental fluorescence. 
When blue centers are present, however, the holes may be trapped in the 
levels of the blue centers and the recombination of the free electrons with 
the holes in these centers now gives rise to blue fluorescence. A fraction 
of the recombinations may still give rise to the fundamental fluorescence 
but, owing to the fact that the wavelength region of the fundamental 
fluorescence band coincides with that covered by the absorption band of 
the blue centers, part of it will be reabsorbed in the blue centers and will 
thereby give rise to blue fluorescence.* 

‘ The situation is identical with that of ZnO-Zn described by R. E. Shrader and 
H. W. Leverenz in J. Optical Soc. Am. 37, 939 (1947) 
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ZnS: Ag 


ZnS: Ag behaves very much like ZnS-Zn. When prepared in pure HS or 
H», the material is not fluorescent in the visible and it is grayish. This 
coloring is due to AgeS and can be removed by treatment with a concen- 
trated solution of KCN. When NaCl is added as a flux or when HC! is 
added to the firing atmosphere, white products with a strong blue flu- 
orescence are obtained. The concentration of HCl in the atmosphere 
required to give optimum blue fluorescence may be much lower than in the 
case of ZnS- ZnCl; as little as 10% HCl in HS gives a strong blue flu- 
orescence. With such low concentrations it is possible to prepare samples 
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Fic. 3. Intensity of the blue fluorescence of ZnS- ZnCl as a function of the con 
centration of HC] in the atmosphere of H.S-HCl for excitation with cathode rays and 
ultraviolet of 2537 A and 3650 / 


in which the blue fluorescence is mainly due to the silver. At higher 
concentrations of HC] the zine centers also contribute. This is demon- 
strated in Fig. 6 where the intensity of the blue fluorescence for excitation 
with 3650 A is plotted as a function of the silver content. For samples 
prepared in an atmosphere of H.S with 20% HCl the intensity becomes 
considerable only above 10-° Ag. For samples prepared in pure HCl the 
intensity is nearly independent of the silver content, the fluorescence at 
low silver concentration being due to the zine centers. This is supported 
by measurements of the spectral distribution for the various products 
(Fig. 7). 


The spectral distribution of ZnS- ZnCl and ZnS- AgCl is slightly different, 
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the maxima for the wurtzite modifications being 4470 and 4350 A respec- 
tively. In both series the position of the maximum changes from 4500 to 
4350 A with increasing silver content. This is due to a change in the pro- 
portion in which the ZnCl and AgCl bands contribute to the total effect. 
The rate of change, however, is different.® 

In the series prepared in H.S with 20% HCl the emission of the product 
with 10~-° Ag is already mainly that of the silver centers. In the pure HCl 
series, however, the fluorescence at this same silver content is still that of 
ZnS-ZnCl. If we assume that the probability of the fluorescence transition 


is the same for zinc centers and for silver centers, the data from Fig. 7 
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Fic. 4. Decrease of the blue fluorescence (increase of the ultraviolet fluorescence) 
and increase of the reflection at 3500 A for a blue fluorescent ZnS-ZnCl upon pro- 
longed heating at 1200°C. in a stream of H.S 


enable us to estimate the relative number of the two kinds of centers. 
Since the number of silver centers may be assumed to be equal to the con- 
centration of the silver as originally added, the absolute concentration of 
the zine centers may also be found. For the sulfide made at 1200°C. in 
HCl, this concentration must lie between 10~ and 10-*. The products 
with a high silver content show a darkening caused by AgeS. Apparently 
ZnS can not dissolve much more than 10~* AgCl. 


5 Unlike Henderson, Proc. Roy. Soc. (London) A 173, 323 (1939) we consider the 
intermediate bands as superpositions of the blue bands of 7ZnS- ZnCl and ZnS- AgCl. 
Separate peaks are not to be expected because of the closeness of the two bands and 
because of their width. 
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Fic. 6. Intensity of the blue fluorescence of ZnS-Ag as a function of the silver 
concentration for samples prepared at 1200°C. in two different atmospheres: 1.HCl; 
2.HS with 20% HCl 
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The absorption of the blue centers in ZnS-AgCl is shown in Fig. 8. It 
is a band at the long wave side of the ZnS absorption which increases with 
the silver concentration.6 Reheating at 1200°C. in H.S destroys the 
centers just as has been observed with ZnS-ZnCl. The absorption at 
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Fic. 7. Spectral distribution of the biue fluorescence of ZnS- Ag for different silver 


contents; a) prepared at 1200°C. in H.S with 20% HCl; b) prepared at 1200°C. in b 
pure HC] : 


3500°A and the blue fluorescence disappear, and the fundamental ZnS 
fluorescence reappears although not very strong (Fig. 9). 

6 C. J. Brasefield, Phys. Rev. 58, 436 (1940) misinterpreted the effect as a shift of 
the edge of the fundamental absorption, probably due to the fact that he measured 
only products with a high silver concentration. 
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Fic. 8. Reflection spectra for ZnS-AgCl of different silver contents prepared at 
1200°C.. in H.S with 20% HCl 
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and increase of the reflection at 3500 A for ZnS with 107“ AgCl upon prolonged heating 
at 1200°C. in a stream of H.S 
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ZnS-Cu 


ZnS-Cu luminophors show blue plus green fluorescence at low copper 
concentration, green fluorescence at intermediate concentration, and again 
blue fluorescence at high concentrations (10-* Cu) (11). While the blue 
emission at low concentration is due to zine centers, that at high concen- 
trations is connected with copper. This blue emission behaves exactly 
like that of ZnS-Zn and ZnS- Ag; it occurs only when Cl- or Br~ are present 
and the centers give rise to an absorption at the long wave end of the 
fundamental absorption of ZnS. 


TABLE I 





Wurtzite Sphalerite 
Maximum of the blue fluorescence for 4 cm" 
A cm™! A cm7! 

ZnS with 10-* AgCl 4350 23000 4460 22400 600 
4360 22900 4440 22500 400* 

ZnS + ZnCl 4500 22200 4630 21600 600 
4500 22200 4575 21800 400t 

ZnS with 10-* CuCl 4450 22450 4580 21800 650 

ZnS-ZnBr 4500 22200 

Maximum of green fluorescence 

ZnS CuCl 5230 19100 5370 18600 5007 
5160 19400 5300 18850 550 

Edge of fundamental absorption (Wave- 

length for which reflection is 10% 
ZnS 3350 29800 3410 29350 450 


* G. R. Fonda, Trans. Electrochem. Soc. 87, 339 (1945 
+ J. Glassner, Dissertation, Berlin 1938 
t S. Rothschild, Trans. Faraday Soc. 42, 635 (1946). 


Spectral distributions 


The spectral distribution of the various blue emissions for zine sulfide 
in its two modifications, wurtzite and sphalerite, is shown in Fig. 10. The 
position of the maxima is given in Table I. The blue bands due to Ag, Zn, 
and Cu are situated at slightly different positions. For all bands there is 
a difference in position between wurtzite and sphalerite, the bands of 
wurtzite being invariably about 100 to 200 A farther toward the short 
wavelengths side.’ The same difference is found in the position of the 
absorption edge of pure zine sulfides. The differences are obviously due to 
a difference in the separation between the upper filled energy band and the 
lower unoccupied energy band, in similar manner as has been assumed to 


7 Such differences have previously been observed by J. Glassner, Dissertation, 
Berlin, 1938, for ZnS- ZnCl, by G. R. Fonda, Trans. Electrochem. Soc. 87, 339 (1945), 
and by H. W. Leverenz, Report on Research and Development leading to New and 
Improved Radar Indicators, P. B. 25481, for ZnS-Cu and ZnS- Ag, 
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explain the properties of ZnS-CdS. In agreement with this, the same 

difference occurs also with the green fluorescence of ZnS-Cu (12). Fig. 11 
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: Fic. 10. Spectral distribution of blue and green fluorescence bands of ZnS in the 
: wurtzite and sphelerite modification for activation with ZnCl, AgCl, CuCl. The 
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reflection of non-fluorescent crystallized ZnS in the two modifications is shown at 


Fig. 11. Spectral distribution of the blue fluorescence band of ZnS- ZnCl and ZnS- 


Z.Br prepared at 1320° C in HCl and HBr 


shows the spectral distribution of the blue bands of zine sulfide heated at 


1320° C in HCl and in HBr; the bands are identical. 
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The centers 

The nature of the centers of fluorescence has been the object of specula- 
tion for a long time mainly because the low concentration of the activators 
makes an experimental test of the proposed models extremely difficult. 
It is generally assumed that the activators enter the lattice as atoms (13). 
The blue fluorescence of self-activated zine sulfide has been found to occur 
particularly with materials prepared in reducing atmospheres. It has 
been ascribed to an excess of zine over the stoichiometric composition (14). 
It must be emphasized that the only base for this assumption is a probable 
analogy between zine sulfide and zine oxide. For ZnO, which also develops 
a fluorescence upon heating in a reducing atmosphere, the presence of an 
excess of zinc has been proved by conductivity measurements (15) but 
such direct evidence is lacking for ZnS. 

The activators, either foreign atoms like Cu or Ag or the excess Zn 
atoms, were supposed to occupy interstitial positions. However, this is 
not the only way in which the activators may be incorporated. By 
splitting off one electron the atoms may occupy normal lattice sites with the 
formation of an equivalent amount of unoccupied sulfur sites. The extra 
electrons will be trapped at a convenient position. In analogy to the ex- 
planation given for the colour centers in alkali halides, Randall and Wil- 
kins (16) have suggested that the electrons may be trapped at the un- 
occupied sulfur sites and may thus form the centers for the blue lumines- 
cence. 

The possibility of placing the activator either at an interstitial position 
or at a normal lattice site is not restricted to the case in which the activator 
is primarily incorporated as an atom; it exists also when the activator is 
incorporated as an ion. The incorporation may then be described as the 
formation of a solid solution of the sulfide of the activator with zine sulfide, 
e.g., Ag with ZnS. Both silver ions may occupy lattice sites forming 
one unoccupied sulfur site or only one silver ion may occupy a normal 
lattice site and the other an interstitial position. The only difference with 
the case of atoms is that no extra electrons are available for trapping so 
that a different explanation for the centers would be necessary. 

Neither the assumption of interstitial nor that of substitutional incor- 
poration has been definitely accepted. There seems to be an outspoken 
preference in the literature in favor of the first type. Of the experimental 
works which are usually considered as proof of the interstitial hypothesis, 
that by Tiede and Weiss and that by Riehl and Ortmann (17) are the most 
important. These authors observed that certain activators, particularly 
copper but also silver, may migrate into crystallized ZnS at a surprisingly 
low temperature (300°C. for Cu, 400°C. for Ag), while other activators 
like manganese require a much higher temperature (800°C.). The ob- 
jection can be made that, although the influence of the flux has been con- 
sidered, the essential function of the halide ions has not been recognized. 

Another objection is that so far as silver is concerned the authors do not 
state how they differentiate between the blue fluorescence of unactivated 
zinc sulfide and that due to silver. This is particularly important because 
an increase of emission need not necessarily be due to an increase of the 
number of fluorescence centers; it may also be caused by a decrease of the 
number of killer centers which, according to a theory recently proposed by 
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Klasens et al. (18), are always present in heated zine sulfides and which 
might well disappear upon heating at a low temperature. In that case, 
the blue fluorescence which appears would be the emission of self-activated 
zine sulfide regardless of the presence or absence of silver. For copper, 
however, there is no such alternative. The migration of copper into the 
lattice at low temperatures seems to be well established and in view of 
this the incorporation of silver under similar conditions might as well be 
accepted. However, this does not necessarily mean an incorporation in 
interstitial positions. The authors themselves state that recrystallization 
does not occur at low temperatures. On the other hand, they mention the 
fact that copper and silver have a marked crystallizing effect at slightly 
higher temperatures. The possibility of recrystallization, therefore, can 
not be entirely disregarded. Even if it is accepted that the activator 
enters the crystal via the interlattice sites, the final result may still be the 
substitution of a lattice ion. 

A second argument has been based on the observation that copper is 
able to expel silver from the crystal. Since the number of interlattice 
sites is of the same magnitude as that of normal sites, the number of the 
former is certainly large enough to accomodate both silver and copper in 
the small concentrations used in these experiments. ‘There must, therefore, 
be an additional reason for this phenomenon. The reason probably is that 
the incorporation at interstitial positions is accompanied by a large in- 
crease in the free energy. If this is so, then there is no reason why inter- 
stitial sites should be preferred over normal lattice sites. The restricted 
solubility of the activators can be accounted for just as well if the activators 
are assumed to occupy the normal sites. We therefore believe that the 
question of the exact position of the activators in the lattice is still un- 
solved, both lattice sites and interstitial positions being possible. 

The problem assumes a new aspect with the recognition of the funda- 
mental function of the halide ions in forming the blue centers. From this 
viewpoint, it is more significant to consider the incorporation of the activa- 
tor as the incorporation of its halide rather than as its solution as an atom 
or as its sulfide. In the case of silver activated zine sulfide, the simplest 
solution is the assumption of normal solid solutions of ZnS and AgCl in 
which Ag+ occupies a zine lattice site and Cl a sulfur lattice site. While 
the incorporation of either of the monovalent ions alone would require the 
formation of unoccupied sites or the occupation of interstitial positions to 
allow for the difference in charge, in this case the lack of positive charge 
due to incorporation of Ag* is compensated for by the lack of negative 
charge due to incorporation of Cl-. The situation is analogous for the 
blue centers of copper: ZnS-CutCl-, and for self activated zinc sulfide: 
ZnS-Zn+Cl-. Strange (19) suggested this solution for the green copper 
centers but, in view of the analogy between the various activators causing 
a blue fluorescence, we prefer to keep this model for the blue center. This, 
however, requires the development of a new picture for the green flu- 
orescence. 

In the case of ZnS- ZnCl, the formation of the blue centers involves the 
reduction of zinc to the monovalent state as has previously been assumed 
for the blue centers, but now this monovalent zinc is stabilized by the 
presence of the halide ion. The reduction of divalent to monovalent zine 
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which must obviously occur during the preparation of the luminophor 
explains the marked differences between the atmospheres H.S-HCl and 
H.-HC! in affecting the formation of blue centers: 


(1) ZnS + 3H: + HCl = ZnCl + HS 


H.S tends to suppress the formation of ZnCl while H, tends to promote it. 
Conversely, however, the experimentally observed difference in effect 
between these two atmospheres does not justify the assumption of mono- 
valent zine as correct. The normal reaction of zine sulfide with HCl, 


(2) ZnS + 2HCl = ZnCl. + HS 


would show differences in the same direction. There are, of course, 
quantitative differences between the two cases as a consequence of the 
fact that in reaction (1) the hydrogen is active in binding sulfur, while in 
(2) it merely acts as a diluting agent for the HCl. The fact that the 
formation of the blue centers of self activated zine sulfide requires a higher 
HCl pressure than the centers of silver activated zine sulfide is explained 
by the relative instability of the monovalent zine compound which, as is 
well known, does not normally exist. 

The ability of the halides of copper, silver, and zine to form blue centers 
is probably closely related to the solubility of these compounds in zinc 
sulfide. Since zine sulfide is a crystal with a largely covalent type of 
binding, this solubility is dependent, not only upon the ionic radii, but 
also upon the capacity of the ions to form covalent bonds. Chlorides and 
bromides have intermediate properties in both respects and are therefore 
especially suitable to form blue centers. lodides have a stronger tendency 
toward covalency but owing to the large radius of iodine this advantage 
is lost and only very little is dissolved. For fluorides it is not certain 
whether the solubility is low because of the stronger ionic character of the 
fluorine bonds or whether influences more directly connected with the 
action as a center are involved. 

Our model requires the incorporation of an equal number of metal ions 
and halide ions. For energy reasons these ions will tend to occupy neigh- 
boring sites. Due to the entropy gained in assuming random distribution, 
however, dissociation will occur particularly at the relatively high tem- 
peratures at which the phosphors are made. ‘The situation is similar to 
that in alkali halides containing unoccupied sites of both positive and 
negative ions where dissociation is also assumed (20). According to 
Seitz (21), the degree of dissociation is very low in the alkali halides. In 
our case, however, the tendency towards dissociation is certainly higher 
because the dielectric constant of zine sulfide is higher than that of the 
alkali halides. 

For the actual center of luminescence, i.e., for the configuration giving 
rise to the localized level marked “blue center’ in Fig. 5, the following 
three possibilities exist: 

1) A+ X- together with the surroundings 

2) At sé “e se “c 

3) om “ce ‘é “ee “ 
in which A+ stands for Ag+, Cut, or Zn+, and X- for Cl-, Br~ or I-. 

Further experimental work is needed to decide between these possibilities. 
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Any discussion of this paper will appear in the discussion section of Volume 93 of 
the Transactions of this Society 
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INFRARED-SENSITIVE PHOSPHORS OF THE ALKALINE 
EARTH SULFIDES AND SELENIDES' 


ROLAND WARD 
Chemical Laboratory of the Polytechnic Institute of Brooklyn, Brooklyn, New York 


ABSTRACT 


A review of the previously published work supplemented by a description 
of a new technique to determine activator distribution. This technique 
employs radioactive tracers in probing the structure of luminescent 
materials. Experimental data resulting from the use of the new technique 
are given. 

LITERATURE REVIEW 

The development of infrared-sensitive phosphors with extraordinary 
long energy storage is due mainly to the work of F. Urbach (1). He found 
that the phenomenon depended upon the presence of two impurity cations, 
one of which behaved in the usual manner of an activator in phosphorescent 
materials. The location of the emission band was determined by this 
impurity but was sensitive to the nature of the matrix. The other acti- 
vator, however, served to introduce deep electron traps from which the 

‘ Manuscript received January 15, 1948. This paper prepared for delivery before 
the Columbus, Ohio, Meeting, April 14 to 17, 1948. Part of the work reported here 
was done under Contract NObsr 39045 with the Bureau of Ships. 
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electrons were not released by ionic vibrations at ordinary temperatures 
but could readily be raised to the conduction band by infrared radiation, 
Many of the liberated electrons return to the other activator giving its 
characteristic emission in the visible. A number of these storage agents 
were discovered, among them thallium, lead and bismuth, but samarium in 
the alkaline earth sulfides and selenides appeared to be outstanding. 
Urbach (1) was able to show, and we have since corroborated his results, 
that the stimulation band in the infrared coincided with an absorption band 
due to the samarium; he called these storage agents auxiliary activators. 
So far as the alkaline earth sulfide and selenide phosphors are concerned, 
the most sensitive phosphors were obtained with cerium and europium as 
the emission determining activator (the dominant activator). 

The details of the procedures for preparing several phosphors of this type 
have been published (2-5) and a description of some of the problems 
of obtaining reproducible samples of alkaline earth sulfide and selenide 
phosphors of this type will appear shortly (6). Some of the properties of 
infrared-sensitive phosphors have been described by Urbach (1, 6), Fonda 
(6, 7), and Ellickson (6, 8, 9) in which the stimulation and emission char- 
acteristics, light-sum, and interpretation of decay rates are given. While 
it can be said that there is fair agreement among the various investigators 
concerning the general mechanism by which phosphorescence occurs, the 
theory has not proved to be particularly useful when it comes to the prep- 
aration of phosphors. It would appear reasonable to hope that, if more 
reliable data were available about the variation of physical properties with 
activator concentration, valence state of activators in the matrix, and minor 
as Well as major variations in the base material, some progress might be 
made in the extension of the theory 

There is an apparent handicap in using infrared-sensitive phosphors for 
such a purpose since one more variable is introduced, but there are some 
advantages which compensate for this. It is possible in many instances to 
achieve good reproducibility of the brightness of these phosphors under 
infrared stimulation. A steady state of excitation can usually be obtained 
so that the properties such as luminescence or conduction under stimulation 
are essentially independent of the time after excitation and to some extent 
of the mode of excitation. At least it is possible to standardize the measure- 
ments satisfactorily. Some preliminary measurements of this sort have 
been made by Urbach (6) and in this laboratory (5) which demonstrate a 
correlation between sensitivity and activator concentrations. It is the 
purpose of this paper to present some extension of this work. Only a 
summary is given here. The experimental details will be published in the 
near future. 


PREPARATION OF PHOSPHORS 


The current method for preparing phosphors of this type is the fluxing 
of the base material with a chemically inert fusible salt containing the 
activators in known concentration. Typical weight proportions of such a 
mixture would be 100 parts base material, 12 flux, .02 to .0001 of the ac- 
tivators. Since the flux with activators is not a luminescent material, the 
optical properties of the mixture are assumed to be largely due to the base 
+ activators. The usual fluxes have been lithium fluoride, strontium 
chloride, or mixtures of salts like calcium fluoride and strontium sulfate 
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which give a melt at a reasonable firing temperature (2). The question 
has naturally arisen as to the proportion of activator which is actually 
incorporated in the base material. The quantities of activator ordinarily 
involved make chemical analyses extremely difficult even if a clean-cut 
separation of the solids could be effected. 

One procédure by which this difficulty can be avoided is to eliminate the 
flux from the final product. This has been done in some instances by 
incorporating the activators in the alkaline earth chloride which may then 
be converted to the sulfide or selenide by treatment with hydrogen sulfide 
or selenide (10). The conversion 


MCI, + HS — MS + 2HCl 


is carried out in the later stages above the fusion point of the chloride which 
appears to act as a flux but eventually disappears. The process is satis- 
factory for magnesium sulfide phosphors but not so convenient for strontium 
sulfide. It takes a long time in any instance and one is not assured of a 
uniform distribution of the activators in the final product. For this reason 
it appeared necessary to settle the problem of activator distribution be- 
tween flux and base. 
EXPERIMENTAL 
Use of radioactive tracers 

The availability of radioactive tracers from Oak Ridge has made it’ 
possible to solve this problem. Radioactive europium has been used to 
follow the distribution in the systems LiF-SrS, SrCl-SrS and SrCl.-SrSe. 
One of the major difficulties has been the separation of phases. The sulfide 
and selenide appear to remain as very small crystallites embedded in the 
larger crystals of the flux material so that mechanical separation is dif- 
ficult. It has been accomplished, however, by thoroughly grinding the 
fluxed mixture containing the radioactive tracer and centrifuging a sus- 
pension formed by mixing the powder with a liquid of density between that 
of lithium fluoride and strontium sulfide. By comparing the counts ob- 
tained from the denser material with that from the less dense, and deter- 
mining the percentage of strontium sulfide in each fraction, it has been 
possible to show that most of the activator resides in the strontium sulfide 
when lithium fluoride is the flux. Another method based on the filtration 
of the melt at high temperatures has proved to be of more general useful- 
ness since it does not depend on the difference in density of the solid phases. 
Such is the case with the SrCl.-SrS system. The filtration process essenti- 
ally consists of transferring the mixture of melt and solid to a Munroe 
crucible and applying suction if necessary. The distribution of europium 
between strontium sulfide and strontium chloride and bet\veen strontium 
selenide and strontium chloride was determined by this procedure. The 
results of a number -of experiments are given in Table I. It can be seen 
that they are fairly reproducible and that the europium is somewhat more 
soluble in the sulfide than in the selenide. The distribution remains 

2 Details of the procedure were presented at the spring meeting of the American 
Chemical Society, April, 1948, in a paper ‘‘Radioactive Tracer Study of the Dis- 
tribution of Activators Between Flux and Base in Infrared-Sensitive Phosphors’’ by 
R. W. Mason, C. F. Hiskey and Roland Ward. 
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constant over a concentration range of about one hundred to several 
thousand parts per million of activator. 

Radioactive isotopes of cerium and samarium are also available but are 
of much shorter half-life than the europium isotope. Their use has been 
postponed until the experimental techniques were established using 
europium. This has now been accomplished and it will be interesting to 
see if there are any significant differences in distribution coefficients. 

In the course of this work, it was found that the solubilities of strontium 
sulfide and selenide in molten lithium fluoride are quite high—about 30 
per cent or more. Their solubility in molten strontium chloride, however, 
is only of the order of three per cent. There is no solid intersolubility of 
strontium sulfide or selenide with either lithium fluoride or strontium 
chloride so far as is detectable by X-ray analysis (2). Experience has 
shown that there exists an apparent specificity of flux for certain phosphors. 
The reason for this is not obvious since the flux presumably functions only 
as a recrystallization medium. There appeared to be a possible connection 
between relative solubilities and the effect of flux. 

The effect of oxide on the properties of the strontium sulfide and selenide 
phosphors has been shown to be of some importance (3, 5), yet there is no 


TABLE I. Distribution of europium between flux and base 


Counts for equal quantities 


. Eu in bas 
Mixture Ratio: “ = — 
Eu in flux 
Base Flux 
SrSe-SrCle 1560 650 2.4* 
SrS-SrCle 3900 1075 3.6T 


* Average of 8 determinations. Maximum deviation 10%. 
+t Average of 4 determinations. Maximum deviation 5.5%. 


evidence, up to the limit of precision lattice constant determination, that 
a solid solution of oxide in sulfide or selenide is formed. The tolerance of 
a SrS-Sm-Eu phosphor for oxide is much higher with lithium fluoride than 
with strontium chloride as flux. The effect is related to the activator 
concentration and appears to be most pronounced in those phosphors with 
low europium and high samarium concentrations. It has recently been 
found that the solubility of strontium oxide in fused strontium chloride is 
about ten times that of the sulfide or selenide. Upon the hypothesis that 
the presence of oxide in the mixture affects, in some way, the activator 
distribution, experiments are being initiated to apply the radioactive 
tracer technique to the problem. By these techniques some definite know]- 
edge of the activator concentrations in the lattice of the base material 
should become available. 

While the introduction of oxide may increase or decrease the sensitivity 
of a SrS-Sm-Eu phosphor, it does not have any noticeable effect upon the 
color of emission upon stimulation. Such is not the case when strontium 
sulfide is added in small amounts (3 to 4 per cent) to a SrSe-Sm-Eu phos- 
phor. The emission color shifts towards longer wave lengths and the 
sensitivity to infrared increases. The simultaneous addition of calcium 
and sulfide ions leads to still larger increase in sensitivity. The brightness 
of phosphors made from mixtures in the system Sr** -Cat? -S~? -Se-? -Cl-! 
are shown in Table II. Solid solutions are formed in these mixtures. It 
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does not seem likely that this is another manifestation of the same phe- 
nomenon as the oxide effect in the strontium sulfide phosphor since the 
activator concentrations were the most advantageous for the simple 
SrSe-Sm-Eu phosphor. A thorough quantitative study should be made of 
the variation in optical properties as a function of sulfide and calcium con- 
centration as well as activator distribution and concentrations. Since there 
is a change in emission and stimulation spectra, it will be necessary to 
measure quantum efficiency rather than brightness. 

The valence state of the activators as they exist in the phosphor is not 
easy to determine since they are present in rather small amounts and the 
usual methods are inadequate. Some quite convincing evidence from emis- 
sion spectra indicates that at least some of the samarium is in the trivalent 
condition (11), but it is not certain that it is all in this oxidation state. 
So far as the europium is concerned, only the following indirect evidence is 
available. Barium orthosilicate when treated with small amounts of 
europous chloride and fired in oxygen-free nitrogen has a characteristic 
fluorescence upon excitation with ultraviolet radiation. “The same emis- 


TABLE II. The effect of sulfide and calcium tons upon the brightness of a 
selenide phosphor 


Composition (mol percent) 


Brightness 
SrSe SrS SrClz CaCl CaS 
88 12 1100 
86 2 2 1570 
S4 4 2 1685 
84 3 2 1 2100 
84 2 12 2 2890 
84 1 12 3 2890 
84 12 4 3130 
s4 11 1 4 3310 
84 4 3 4 2840 
84 7 5 4 1970 


sion is obtained when europic chloride is used and the mixture is fired in 
hydrogen. When the luminescent material is heated to redness in air 
for some time, it becomes inactive, but the fluorescence may be restored 
by reheating in hydrogen. It would therefore seem certain that the 
luminescence is due to the bivalent europium ion. It is interesting that 
the same emission color can be obtained when barium orthosilicate con- 
taining europic ion is heated in an inert atmosphere with a small quantity 
(less than 0.1 per centY of strontium sulfide. Thus the sulfide ion appears 
to be a reducing agent for europic ion at high temperatures. In a similar 
fashion, barium orthosilicate with samaric ion becomes fluorescent under 
ultraviolet radiation after heating in hydrogen and also upon heating with 
sulfide ion. The fluorescent color is blue in this case and may well be due 
to the samarous ion. This blue fluorescent material, when heated in an 
inert atmosphere with the non-luminescent barium orthosilicate containing 
europi¢c ion, gives a product with the characteristic yellow-green emission 
of the europous ion. The weight of the evidence appears to be in favor of 
the stability of the europous ion and the samaric ion in presence of sulfide 
ion at high temperatures. 
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Some more direct evidence has been obtained about cerium. Cerous 
sulfide, Ce2S;, may be prepared by heating cerous chloride in a stream of 
hydrogen sulfide if the temperature is kept below 1000°C. It is a red 
crystalline compound which becomes green and loses about 6 to 7 per cent 
sulfur upon heating above 1000°C in hydrogen or nitrogen. The green 
material has the sodium chloride structure although the weight loss does 
not quite correspond to the formation of CeS. From the lattice dimension 
it appears likely that the cerium is in the divalent condition. It does 
not follow directly from this evidence that the cerium in the strontium 
sulfide phosphor is divalent, but the possibility is certainly suggested. 
The emission spectrum of the SrS-Sm-Ce phosphor suggests two overlap- 
ping bands (1) while the SrS-Sm-Eu phosphor has a simple emission band. 
The double band of the cerium phosphor may be due to the two available 
electrons in the Cet? ion. 

Experiments are under way to study this problem in a more critical 
fashion. The systems Cet?-M*+t?-S-? and Eut?-M+?-S-? (where M+? = 
alkaline earth ion) are being studied by means of X-ray analysis. Dif- 
ferences in absorption spectra will also be determined if possible. 


CONCLUSIONS 

The ultimate aim of this research is to reach a better understanding of 
the so-called active centers in phosphors. It is not at all clear that this 
can be done since the phenomenon to be explained is so much more sensitive 
to changes in activator concentrations than any other independent means 
of measurement. ‘The reasoning will have to be of necessity inductive. 
We are unquestionably dealing with solid solutions of the activators in the 
lattice of the base material but at a dilution which is probably beyond 
detection even by the most precise X-ray technique. That is why it is 
essential to have fairly accurate information about the concentration of 
activators in the base material. 

From what is already known, we can say that the activators are sepa- 
rated by distances ranging from ten to fifty or more cationic spacings. 
As the concentration increases from a very low value, the efficiency of the 
phosphor increases to a maximum and then declines. Perhaps some spe- 
cial significance is to be attached to the optimum concentration. It is a 
factor which differs widely from one base material to another. Thus in the 
Sr8-Ce-Sm phosphor the optimum cerium and samarium concentrations 
are in the neighborhood of 150 and 15 parts per million while in the Mgs- 
Ce-Sm phosphor the optimum concentrations are about ten times as high. 
\ satisfactory theory must explain such phenomena. 


‘ 


Any discussion of this paper will appear in the discussion section of Volume 93 
of the Transactions of this Society. 
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ELECTROPOTENTIALS IN GROWING HALIDE AND OXIDE 
LAYERS ON METALS! 


ANDREW DRAVNIEKS AND HUGH J. McDONALD 


Corrosion Research Lab., Illinois Institute of Technology, Chicago, Illinois 


ABSTRACT 


The electropotentials set up across the scales of halides or oxides growing 
on metal surfaces at elevated temperatures in the corresponding atmos- 
pheres depend on the free energy change in the scale forming reactions and 
on the values of the ionic transference number of the scale substance. The 
values of the electropotentials can be obtained experimentally by means 
of an electrode probe; the transference numbers can then be calculated. 
The method was tested on silver and lead bromide and chloride and on 
cuprous iodide and oxide scales, and values in agreement with those found 
by other methods were obtained. The electrode probe method proved to 
be a sensitive tool responding to all factors which influence the transference 
numbers. The oxides on iron, stainless steel, nickel, aluminum, zinc, 
molybdenum and tungsten were investigated and found to be predominately 
electronic conductors; there is some doubt in the case of tungsten. It 
was shown that the Pilling-Bedworth criterion is inadequate in the case of 
anionically conducting scales where the zone of growth is at the scale-metal 
interface. The short-circuiting of the scale surface and metal by means of 
an inert electronic conductor was found to accelerate the rate of scale 
growth (according to expectation). The apparent increase in the ionic 
conductivity of the growing cuprous oxide observed during the increase 
of oxygen pressure Was explained by employing the concepts of the disorder 
theory of non-metallic conductors. 


INTRODUCTION 


The morphologic forms and the rates of metal-gas reactions at elevated 
temperatures have been investigated by a number of workers and have 
been correlated, e.g., to the volume change in reaction (1), to the lattice 
structure of reaction product (2, 3, 4), to the recrystallization effects in the 
product formed (5, 6), to the electrochemical properties of the product 
5, 7), to the form of disorder in the reaction product lattice (8), to the 
work function on the phase boundaries (9), to the conditions in the seale- 
metal boundary (2), to the mechanical properties of the seale (10), and to 
the free energies and entropies of activation in the diffusion process through 
the lattice of the reaction product scale (11, 12). 

Wagner (5) resolved the process of diffusion through solids into the 
separate processes of migration of cations, anions and electrons. He was 
able to deduce the expression for the parabolic rate constant involving 
values of ionic and electronic transference numbers, of conductivity, and of 
the reversible cell potential representing the scale forming reaction. The 
expression Was In agreement with experimental data in a few cases investi- 
gated by Wagner and his coworkers. 

Wagner (13) pointed out that the actual potential difference across the 

1 Manuscript received January 26, 1948. This paper prepared for delivery before 
the Columbus, Ohio, Meeting, April 14 to 17, 1948. 
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growing scale depends on the total reversible potential of the corresponding 
cell and on the ionic transference number. This relation in the form 


E, 
E, =m + M% 


provides an interesting means for the determination of the ionic transfer- 
ence numbers of the scale forming substances. Here E, denotes the po- 
tential difference measured between the outside of the scale and the scale- 
metal interface; Eo is the reversible potential which can be calculated from 
the free energy change in the reaction of scale growth; n; and ne are the 
cationic and anionic transference numbers respectively. The transference 
numbers indicate the fraction of current carried by the corresponding 
particles when electricity passes through the electrolyte. 

The only use of this equation was made by Wagner (13) while investi- 
gating growing silver sulfide scale. 


CHOICE OF MATERIALS FOR INVESTIGATION 
In order to investigate the usefulness of the method proposed by Wagner, 
the following selection of materials was made: 
1. Silver chloride and bromide served as examples of predominately 
cationic conductors. 

2. Lead chloride and bromide were taken as representative anionic con- 
ductors. 

3. Cuprous iodide was an interesting material with wide variation in the 
mode of conductivity, depending on temperature and on the pressure 
of iodine. 

4. Cuprous oxide was an example of a predominately electronic con- 
ductor, possessing small but still detectable ionic transference num- 
bers. 

5. Iron, nickel, stainless steel, brass, zinc, aluminum, molybdenum and 
tungsten oxides were investigated in order to determine the values of 
the ionic transference numbers in actual growing scales of the sub- 
stances. 


APPARATUS 

Experimental set-ups of several different designs were used; all involved 
the principle of touching the surface of the scale with an inert electrode. 
A platinum electrode probe was employed for the experiments in air or 
oxygen and a spectrographic carbon electrode for the experiments in 
halogens. 

Further connections were made with platinum wires, care being taken 
that the connecting points were at the same temperature as the specimen 
and the electrode probe. The ends of the platinum wires outside the high 
temperature part of the set-up were kept at the same temperature and 
connected to a suitable potentiometer. The voltage measurement circuit 
of a Beckmann pH meter served as a voltmeter for the higher potentials 
but the customary potentiometric circuit was used in the measurement 
of small potential differences such as those observed in the case of experi- 
ments with metal-oxygen systems. 
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Chlorine, taken from commercial gas cylinders, was purified with cal- 
cium oxide and dried with sulfuric acid and phosphorus pentoxide. Bro- 
mine and iodine were used after drying over phosphorus pentoxide. In 
order to introduce the bromine and iodine into the reaction space, nitrogen 
was used as a carrier gas after being purified by passing it over copper at 
red heat, over calcium oxide, sulfuric acid, and phosphorus pentoxide. 
The desired partial pressures of iodine or bromine were obtained by placing 
the vessel containing the supply of corresponding halogen in a thermostat. 
In the case of iodine, the glass tube connecting the iodine and the reaction 
space was kept heated at a temperature considerably higher than the tem- 
perature of the thermostat so that no condensation of iodine was possible 
on the way to the reaction space; a coil of nichrome wire served for this 
purpose. 
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In all cases, the electrode probe was without contact with the surface 
of the specimen during the time of preformation of the scale. Only then 
was the electrode probe allowed to touch the outside of the scale. During 
the course of the experiments, the electrode probe was frequently lifted to 
be sure that contact with the surface was maintained and to avoid the 
growing-in of the electrode. 

Representative set-ups are shown in Fig. 1, 2 and 3. In Fig. 1, flask A 
with boiling mercury, jacket B and condenser C form a mercury vapor 
thermostat keeping the temperature constant in the inner tube D. The 
inlet and outlet of the gas, e.g., chlorine, are indicated by arrows. The 
dashed lines represent platinum wires. E is the carbon electrode probe, F 
the specimen of silver sealed into the end of the U-tube by means of silver 
chloride. The lower end of the tube D is immersed in a beaker with sul- 
furic acid to separate the space of the experiment from the atmosphere. 
By raising or lowering the U-tube, the contact with the electrode probe can 
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be established or interrupted. The tube holding the electrode probe is 
made of quartz. 

In Fig. 2, the Pyrex tube A is placed in the furnace. The inlet and outlet 
for gas, e.g., iodine vapor, are indicated by arrows. The incoming gas is 
preheated by passing through the coil B; the specimen C is employed in the 
form of a wire or long thin strip. The outside end of the specimen is 
welded to a platinum wire represented by the dashed line. The welded 
contact D is maintained at the same temperature as the specimen so that 
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the thermoelectric forces are eliminated. The electrode probe consists of 
a carbon rod E with a platinum connecting wire held by a tube F. The 
tube F contains at its upper end a sealed-in rod of iron. By using a mag- 
net, the electrode probe can be raised or lowered against the specimen. 

In Fig. 3, the equipment for the use at high temperatures consists of a 
sillimanite tube A with a gas inlet indicated by the arrow. The other end 
was closed by a loose stopper of glass wool. The specimen B with the 
platinum wire (shown by dashed line) welded to it is placed in the tube. 
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The electrode probe C is a quartz tube with a platinum ring, the latter 
being connected by means of the platinum wire to the instruments. The 
electrode probe can swing around the axis D so that contact with the surface 
of the specimen can be made or interrupted. 


SILVER CHLORIDE AND BROMIDE 


As indicated in Table I, reproducible results were obtained in both 
cases. Tubandt (14) employed the direct method for the determination 
of the transference numbers and found the silver cation transference num- 
ber to be practically unity. Wagner (8) calculated the transference 
number of silver in silver bromide indirectly from his scale formation 
experiments at 300° and found it to be 0.83. The reversible potentials for 
the corresponding cells were calculated by the authors from the best 
available thermodynamic data (15, 16, 17). The transference numbers 
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TABLE I 


Emeas Eo Nionic _ 
AgCl 0.93 0.942 0.99 355° 
AgBr 0.745 0.810 0.92 350° 
PbCls 1.15 1.12 1.0 245 
PbBre 2 1.49 0.8 200° 


were then obtained using the above-mentioned Wagner’s equation. They 
come out close to unity, exhibiting good agreement with the data of previous 
workers. 


LEAD CHLORIDE AND BROMIDE 


Considerable experimental difficulties were encountered in the case of 
lead halides. The Pilling-Bedworth (1) ratio expressing the ratio of the 
volume of scale substance formed in the reaction to the volume of the metal 
phase consumed in the reaction was calculated to be approximately 2.6 so 
that the surface of lead should be effectively covered with the halide. 
Nevertheless, the halide was formed as a loose powder. This is readily 
explained by the fact that both lead halides are anionic conductors (14). 
Therefore, in the process of the scale growth, the chlorine ions travel 
through the scale to the scale-metal interface and this interface is the 
zone of growth. Under expansion which then originates below the scale, 
the scale is disintegrated. To test the mode of growth, inert carbon 
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particles were placed on the surface of the lead specimen before heating it 
inchlorine. The use of inert particles as surface marks was first introduced 
by Pfeil (32). In the present investigation, it proved to be a valuable 
technique for studying scale growth. Other metals have been investigated 
and the results will be presented shortly in a separate paper. After the 
scale formation, the particles found on the surface of the scale clearly 
indicated that the scale grows inward. It can be concluded that the Pil- 
ling-Bedworth criterion is insufficient to predict the formation of a pro- 
tecting scale in the case of anionically growing scales. 

Avoiding any vibrations of the set-up and employing due care in lowering 
the electrode probe, it was possible to measure potentials across the lead 
halide scales. The potentials varied within the limits of +0.05 v. and, 
therefore, can be regarded only as approximate values. The results and 
the calculated anionic transference numbers are shown in the table. These 
variations, the discrepancies between the values obtained in the experi- 
ments, and the values of 1.0 as found by Tubandt may be due to the pow- 
dered structure of our material. The loose structure may render the 
transference of ions more difficult than the passage of electrons. It is well 
known that the conductivity of pressed powders of semi-conductors usually 
is higher than that of the compact crystallite. Another possible explana- 
tion which can be applied equally to all calculations employing thermo- 
dynamic data of free energy changes to the cases related to scale formation 
is as follows: The thermodynamic data are valid for reactions where the 
product is a pure substance of stoichiometric composition. The products 
of scale formation usually deviate from the stoichiometric ratio, the devia- 
tion being the necessary prerequisite for the diffusion of reactants through 
the scale. Therefore, the actual free energy changes, the differences in 
the partial molar free energies of a reactant between the two sides of a 
scale, can differ from those employed. 

It is very significant that even in scales of such loose structure as ob- 
served in the case of lead halides the potential differences could be detected; 
this fact seems to support the electrochemical theory of scale growth. 


CUPROUS IODIDE 


The conductivity of cuprous iodide has been investigated by Baedecker 
(18), Tubandt (14), and Nagel and Wagner (19). The following general 
picture can be drawn: In the pure state, in vacuum, cuprous iodide is 
predominately an electronic conductor at temperatures below 240°C. 
Between 240° and 360°C. there is a gradual increase in ionic conductivity. 
Copper ions are then participating in the carrying of the current and it 
seems that the mechanism of migration of copper ions may be similar to 
that proposed by Riehl (20) in order to explain the easy diffusion of metal 
atoms or ions through the lattice of zine sulfide. In the latter case, minute 
amounts of foreign metals could be detected owing to the phenomenon of 
phosphorescence. The atoms or ions of foreign metals were found to be 
capable of migrating in the lattice of zinc sulfide with considerable velocities 
at temperatures of the order of 300°C. Riehl pointed out that the lattice 
structure of the zinc blende type can be regarded as consisting of regular 
tetrahedra grouped in such a way that half of all tetrahedra contain an 
atom in their center but the other half areempty. The adjacent empty 
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tetrahedra then form a path capable of accommodating and transporting 
the foreign extra atoms or ions. As cuprous iodide possesses a zinc blende 
type lattice, the same mechanism may be responsible for the easy migration 
of extra copper ions through the lattice. 

In the presence of the iodine vapor, the electronic and the total conduc- 
tivity of cuprous iodide increases enormously. The phenomenon was 
explained by Wagner as caused by the disorder transitions in the lattice. 
Wagner also found that the presence of iodine vapor increased the absolute 
value of ionic conductivity in cuprous iodide at least several times. There 
are no comprehensive data on the ionic transference numbers for cuprous 
iodide in an atmosphere of iodine. 

The method used to calculate the free energy changes in the copper- 
iodine system may be outlined briefly as follows: The enthalpy change, 
— 23,234 cal., in the reaction 


Cu(s) + 3]e(g) — Cul(s) 


was obtained, taking the value — 15,800 cal. for the reaction between the 
solid copper and solid iodine at 18°C. and recalculating to iodine gas and 
25°C. The heat content change value, 7,438 cal., for the reaction 


4I.(s) — 31.(g) 


was used (15). The standard free energy change was calculated from the 
enthalpy change at 25°C. and the difference of the entropies of cuprous 
iodide and reactants; the entropy values were taken from the tables by 
Kelley (17). The heat capacities necessary for the calculation of the free 
energy changes at higher temperatures were taken also from the tables by 
Kelley. The heat capacity of iodine gas was calculated, taking the most 
accurate value available (15) 8.78 cal. per mol at 25°. The temperature 
coefficient of the heat capacity of iodine gas was taken so as to agree with 
the corresponding equation given by Lewis and Randall (21). The 
equation 


C, of 3Ix(g) = 4.29 + 0.5 X 10°T 


was then obtained and employed. The calculations of the free energy 
changes at different temperatures and partial pressures of iodine were then 
performed in the usual way. 

The investigations carried out in this laboratory on the cuprous iodide 
demonstrated clearly the complexity of the scale formation process. ‘The 
measurements did not present any experimental difficulties; depending on 
various factors, however, the values obtained varied widely for the different 
experiments. The following factors could be isolated: 

1. The influence of the gas flow rate was the one easiest to explain. The 
copper specimen in the form of a wire spiral was placed in the nitrogen- 
iodine vapor stream. At low flow rates and low iodine concentrations in 
the gas, the supply of iodine to the surface is inadequate, ‘This is especially 
true when the scale forming is in its initial stages; the scale is thin and the 
temperature high. The copper ions then arrive at the surface of the scale 
in large amounts and there is a lack of ‘dine atoms or ions. The iodine 
concentration on the scale surface is not in equilibrium with the iodine gas 
phase. The free energy change calculated, taking the free energy of iodine 
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in the gas phase as a starting point, will differ then from the actual free 
energy change across the scale. Under the conditions described, wide 
variations in the potential difference measured across the scale were ob- 
served when the gas flow rate was varied. In order to insure obtaining of 
reproducible results, therefore, thick preformed cuprous iodide layers were 
employed in the experiments. The constancy of the potential difference 
measured as the flow rate of gas was changed over a wide range served as an 
indication that, at least for practical purposes, equilibrium between the 
iodine in the gas phase and that on the surface exists. 

2. The previous history of the preformed scale was found to have con- 
siderable influence upon the conductivity at lower temperatures. If the 
main experiment was conducted just after preformation, the ionic con- 
ductivity could be detected at 180°C. and up. If, however, the seale was 
allowed to stand in iodine vapor for two days after the preformation, the 
potential difference could already be detected at 120°C. The effect may 
possibly be due to the saturation of cuprous oxide scale with iodine during 
the two-day period. During the subsequent heating, the iodine ions were 
consumed in place of the metal-scale system other than the surface. It 
must be remembered that at higher temperatures, when the migration of 
copper ions toward the surface of the scale is rapid, the iodine is not able to 
penetrate the scale due to the fact that it is trapped by excess copper ions. 

Two typical potential difference vs. temperature curves which were 
obtained are presented in Fig. 4. Curve I is that of cuprous iodide directly 
after formation. Curve II was obtained after 48 hours. 

On the basis of the observations described above, the technique employ- 
ing freshly formed thick layers of cuprous iodide was used in further ex- 
periments. 

The variation of ionic transference number with the temperature is 
shown in Fig. 5. In the curve obtained by Tubandt for cuprous iodide in 
vacuum, there is some indication that the effect of impurities was still not 
excluded so that the electronic conductivity was increased and, conse- 
quently, the ionic transference number depressed. This consideration 
would apply to the low-temperature end of Tubandt’s curve. 

It must be kept in mind that the data as obtained in conductivity meas- 
urements cannot be applied directly to the condition in scales. The 
conductivity measurements are usually made in static conditions so that 
equilibrium is maintained between the gas phase and the substance under 
investigation. On the contrary, the scale growth is a dynamic process. 
It can be concluded that if the growing scale is in the atmosphere of iodine, 
it does not necessarily mean that the conductivity of the scale corresponds 
to the value which would be obtained if cuprous iodide is investigated while 
placed in the same atmosphere. The scale during growth is continuously 
penetrated by copper ions sent into the scale from the metal. Therefore, 
it must be expected that the ionic conductance will be higher than in the 
case of cuprous iodide which is without a contact with copper metal. This 
explanation applies to the part of Curve II below 300° where the natural 
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In general, it is seen from the curve obtained that the increase in ionic 
transference number observed by the electrode probe method takes place 
approximately in the same temperature range as observed by Tubandt. 
The deviations can be explained from the standpoint of the specific con- 

ditions existing in the scale growth. 
| The variation of the ionic transference number with the pressure of 
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iodine is shown in Fig. 6 at 303°C. According to expectations, the ionic 
transference number increases at this temperature as the pressure of iodine 
approaches zero. 

By way of terminating the review of the transference numbers of cu- 
prous iodide it may be stated that, in general, there is good qualitative 
agreement between ionic transference data obtained by the potential 
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measurements on growing scales and those derived from the observations 
of previous workers. 

In order to show the mode of scale growth in the case of cuprous iodide, 
inert platinum and zirconium particles were placed on the surface of the 
copper strip. After the cuprous iodide scale was formed, the particles 
were found embedded in the scale, clearly indicating that the main direction 
of the scale growth was outward, by the outward diffusion of copper ions, 
as expected from the cationic conductivity of cuprous iodide. 


CUPROUS OXIDE 


Cuprous oxide is a well-known electronic conductor. Diinewald and 
Wagner (22) determined the value of the cationic transference number in 
direct transference experiments at 1000°C. and reported it to be 4 & 10-‘, 
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Therefore, only small potential differences of the order of fractions of a 
millivolt across the scale could be expected. 

To account for the thermoelectric forces, oxygen and helium were intro- 
duced into the experimental space alternately. It was assumed that the 
potential difference across the scale in helium was due to thermoelectric 
forces. The increase in the potential difference when oxygen was intro- 
duced instead of helium was then due to the ionic transference in the cu- 
prous oxide lattice. 

It was observed, as shown in Fig. 7, that in the first few minutes after the 
introduction of oxygen the potential difference across the scale increased 
to a maximum with a subsequent drop to some stable value. The times of 
introduction of oxygen or helium are indicated on the figure by arrows. 
The intermediate increase in potential difference was not observed during 
the decrease of oxygen pressure when helium was re-introduced instead of 
oxygen. 

For the calculation of the ionic transference number at 900°C., the 
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difference between the stable potential in oxygen and that in helium was 
taken. The difference was 0.56 mV. The free energy change for the 
reaction was calculated graphically taking Treadwell’s value (23) for 
copper-oxygen at 1000° and the v alue calculated from thermodynamic data 


at 25° and interpol: iting for 900°C. The ionic transference number at 1 
atm. oxygen and 900°C. was then calculated to be 0.0012, which is about 
three times larger than that obtained by Wagner. This may be considered 


as reasonable agreement as far as the order of magnitude is concerned. 

The peculiar intermediate increase in the potential difference during the 
increasing of oxygen pressure may be explained on the basis of the disorder 
picture of cuprous oxide. The form of disorder proposed for cuprous oxide 
in an Oxygen-containing atmosphere (22) is given in Fig. 8, and may be 
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described briefly as follows: The lattice contains some holes in the places 
where cuprous ions should be. If the electric neutrality of the whole lattice 
is to be retained, there must be some cupric ions present. 

When the oxygen pressure is increased, some add tional cuprous ions 
leave their positions in the lattice and _sigrate to the surface of the lattice; 
holes in the lattice remain. Some other cuprous ions become cupric ions by 
losing electrons. New cuprous oxide lattice cells are formed on the surface 
from the oxygen and cuprousions. The net effect is the increase in deviation 
of the composition of the cuprous oxide specimen from the stoichiometric 
composition in the direction of a copper deficit and an oxygen excess. 

The direct consequence of this picture is that during the increase in 
oxygen pressure there is an additional flow of equal amounts of electrons 
and copper ions from the inside of the lattice to the surface. The flow of 
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electrons and ions will add to the conductivity. As the ionic flow due to the 
scale formation process is, by itself, small, the effect of the additional flow 
will result in an apparent increase of ionic transference number. This is 
the effect actually observed experimentally. 

As soon as the disorder in the lattice of cuprous oxide reaches its new 
value, which is in equilibrium with the corresponding oxygen pressure in 
the gas phase, the additional flow ceases. The same number of ions then 
enter the scale per unit time at the scale-metal surface as arrive at the 
scale-gas interface. The additional flow of ions is not possible when the 
oxygen pressure is decreasing. ‘Therefore, there is no intermediate in- 
crease in the potential difference across the scale when the oxygen is re- 
moved and helium introduced. 

The alternative explanation of the intermediate increase in the potential, 
on the basis of an assumption that the ionic conductivity of the cuprous 
oxide is very considerably higher at low oxygen pressures than at atmos- 
pheric pressure, cannot be accepted because, in such a case, a similar inter- 
mediate increase during the change from oxygen to helium as observed 
during the increase of the pressure of oxygen should appear. 

Although there is no doubt that the change in oxygen pressure exerts 
an influence on ionic conductivity in the cuprous oxide lattice, as may be 
derived from the theory of disorder equilibria, the extent of the influence 
on the ionic transference number cannot be evaluated with any degree 
of certainty in the absence of quantitative data on the mobilities of electron 
defect sites and holes as functions of concentrations of those elements in the 
lattice. It is still very unlikely that the ionic transference number can 
increase with the decrease of oxygen pressure if the present concept of the 
disorder form in the cuprous oxide lattice is to be conserved. 


OXIDES OF OTHER METALS 


In the course of further investigation, an attempt was made to measure 
the potential across the different scales formed while the following metals 
were heated in air: 


1) Iron ~ reer  - 2» 

2) Stainless steel 700-980° 

3) Nickel 650-800° 

t) Aluminum Up to melting point 
5) Zine ie bade bals Up to melting point 
6) Molybdenum a Up to 400° 

7) Tungsten : We re 450-850 


In all the experiments, particular attention was paid to the quality of the 
welded contact between the platinum wire and the specimen of metal 
investigated. In the cases of iron, stainless steel, and other metals of high 
melting point, the connection was accomplished by welding under a suitable 
flux, usually borax. In the cases of zinc and aluminum, the metals were 
melted in one end of an evacuated sealed quartz tube. A long platinum 
wire was placed in the same tube before the sealing off. After the metal 
had melted, it was brought to the other end of the quartz tube by turning 
the first end upward and, in this manner, the platinum wire was sealed into 
the pure metal. The precautions described were necessary to avoid any 
formation of opposing potentials due to the growth of oxide between the 
connecting wire and specimen. 
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Only in the cases of iron and tungsten were potential differences across 
the scale detected. In the case of iron, the outside of the scale was some- 
times slightly negative with respect to the specimen. As the difference 
was very low, on the order of tenths of a millivolt, it was assumed that it 
was due to some thermoelectric forces which are hard to avoid in potentio- 
metric multimetallic circuits involving high local temperatures. 

In the case of tungsten, the general picture was somewhat similar to the 
experimental conditions described above in connection with lead chloride. 
The oxide formed as a loose powder and there were moments when po- 
tentials on the order of several millivolts could be detected, but no re- 
producible or stable values could be obtained. 

It is significant that Gulbransen (24) observed a very large increase in 
oxidation rate of tungsten when the preformed tungsten oxide was reduced 
immediately. With repeated reductions the rate of oxidation increased 
still more. In the case of molybdenum, however, there was no such effect. 
Further, Burgers and Ploos van Amstel (25) found that in the case of the 
oxidation of tungsten there was no co-orientation between the crystal 
faces of underlying tungsten and those of oxide formed. The crystals of 
tungsten were oriented in a completely random manner. This was in 
striking opposition to the co-orientation between metal and oxide observed 
in the cases of barium (26) copper (27, 28) and iron (29, 30, 31). 

The evidence listed seems to indicate that in the case of tungsten oxide 
there is some probability of anionic conduction causing the loose structure 
and disorientation. Concluding the review of oxides, it can be stated that 
the oxides of the metals investigated are predominately electronic con- 
ductors. In no case could any measurable ionic transference numbers be 
detected by the method discussed. There is some doubt in the case of 
tungsten. 

FACTORS INFLUENCING RATE OF REACTION 

If the factors capable of influencing the rate of scale growth are con- 
sidered, a distinction between the types of predominately ionically and 
predominately electronically conducting scales has to be made. 

In the case of ionically conducting scales, the rate of the scale growth is 
hindered by an insufficient supply of electrons from the metal to the gas 
surface; this is due to the low electronic conductivity of the scale. It may 
be expected, therefore, that in this case an additional supply of electrons to 
the scale surface would be able to accelerate the seale growth. Indeed, it 
was found that if the silver and the electrode probe in the silver-chlorine 
experiment were short-circuited by an external are delivering electrons from 
the metal to the surface of the scale, a current on the order of tenths of a 
milliampere would flow through the external wire, and the corrosion of 
silver at the position under the contact between the electrode probe and 
scale was considerably accelerated. Therefore it can be expected that, 
in the case of ionically conducting scales, inert electronic conductors in 
contact with the corroding substance will accelerate corrosion. 

The short-circuiting of the metal and the outside of the scale has no 
influence on the rate of the scale growth in the case where the scale is pre- 
dominately electronically conducting. In this case, the rate-limiting 
process is the migration and supply of ions to the surface of the scale or to 
the scale-metal interface. Because of the high electronic conductivity of 
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the scale, no potential differences can be set up across the scale. There- 
fore, the diffusion of the ions is determined chiefly by the concentration 
gradient across the scale. All the factors accelerating the diffusion of ions 
will be able to accelerate the rate of scale growth. 

The lattice structure and texture of the scale are two of the properties 
which play a role in this case. Consideration of these factors, however, 
falls beyond the scope of the present paper. 


SUMMARY 


It has been shown that the electrode probe method is a suitable means 
for the measurement of ionic transference numbers in actual growing scales 
and is able to reflect the conditions in the scales. 

It was found that the oxide scales formed on iron, nickel, stainless 
steel, zinc, brass, aluminum, molybdenum and possibly tungsten are 
predominately electronic conductors. 

It was pointed out that the Pilling-Bedworth criterion should be 
refined by the limitation to scales which are cationically or cationically and 
electronically, conducting. The application to the anionically growing 
se re as shown by the cases of lead chloride and bromide, is not general. 

The effect of an intermediate increase in the cationic transference 
Pion of copper in cuprous oxide, on increasing the pressure of oxygen, 
Was explained on the basis of the disorder theory of solids. 

The factors capable of increasing the rate of gas-metal reactions, in 
the. case of scales of different conductivity types, were discussed. 
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EFFECT OF THE ADDITION OF AMINES ON THE 
ELECTRODE POTENTIAL OF COPPER IN 
BUFFERED ACID SOLUTION! 


NORMAN HACKERMAN anp J. D, SUDBURY 


The University of Texas, Austin, Texas 


ABSTRACT 


A relatively simple means of determining the extent of adsorption on 
metal surfaces of organic compounds from solution, and thereby their 
effectiveness as corrosion inhibitors, is provided by potential measurements. 
The electrode potential of copper was found to be affected by the addition 
of an inhibitor to a corroding system. This potential change was shown to 
be a function of the concentration and nature of the inhibitor. Using 
several amines at various concentrations as inhibitors, curves of electrode 
potential vs. inhibitor concentration were determined for each amine. 
The potentials were found to fit an equation based on the Langmuir adsorp- 
tion equation. A relatively large potential change to a more noble value at 
low amine concentration is believed to be due to coverage of the more 
active portions of the metal surface at these low concentrations. The 
slope of the potential-concentration curve decreases as adsorption takes 
place on the less active regions. Finally, a constant potential is taken to 
indicate essentially complete coverage of the effective metal surface. 


INTRODUCTION 

Corrosion inhibitors have always had widespread use, but in the past few 
years, as the understanding of their function has increased, their application 
has become even wider. The work reported here is concerned with a study 
of corrosion inhibition due to the effect of polar organic substances on the 
metal. There are numerous theories in the literature dealing with this 
subject but none have as yet been able to explain experimental results in a 
general and consistent manner. 

It is usually agreed that the inhibitor action of organic substances is due 
to the formation of some sort of surface layer or film which is responsible for 
reducing the reaction rate and, of equal importance, causing the action to 
take place more uniformly over the metal surface. A majority of in- 
vestigators have postulated that the initial step in inhibition is due to ad- 
sorption of the inhibitor substance on the metal surface. It is known that 
the surface of a metal is not homogeneous. More specifically, in a con- 
ducting medium the non-uniformity is evidenced by anodic (more basic) 
and cathodic (more noble) areas. A large amount of the corrosive action 
is due to electrochemical action between these areas of different potential. 
The function of the surface layer of inhibiting substance has been variously 
described as causing a blanketing effect (1, 2, 3, 4), causing an increase in 
hydrogen over-voltage (5), introducing an ohmic resistance (6, 7), or ex- 
plained by a number of other mechanisms. Most of the theories (1, 2, 3, 5) 
stipulate that the inhibition is due to the effects of the additive on the 

' Manuscript received December 15, 1947. This paper prepared for delivery before 
the Columbus, Ohio, Meeting, April 14 to 17, 1948. This work was carried out under 
Contract N5ori-136, Task Order II, with the Office of Naval Research. 
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cathodic areas alone. Other investigators (4, 7, 8, 9, 10) believe the 
surface to be affected more generally. 

A generalized theory for the mechanism of organic inhibitors has been 
proposed recently (10). Assuming that the entire metal surface is subject 
to coverage by adsorbed inhibitor molecules, it is probable that the attach- 
ment is firmer in some regions than in others. The attachment may be 
due to pure physical forces (physical adsorption) or to the relatively 
stronger chemical forces (chemisorption) on the more active areas. In 
either case adsorption takes place through the polar group, and covers the 
surface more or less completely when the adsorbable substance is present in 
sufficient concentration. It is reasonable to assume that adsorption on the 
more active areas should take place more readily and that such areas 
would be affected even at lower concentrations of adsorbate. Moreover, 
the first material absorbed is probably more firmly held. 

For physically adsorbed substances the inhibiting effect is due primarily 
to the decreased ability of the corrosive molecules to reach the surface. The 
chemisorbed molecule, on the other hand, may not only duplicate the effect 
of impeding the corrosive material but also may decrease the tendency of 
the metal atom to leave the metal surface, as Uhlig (9) has pointed out. 
An advantage of the chemisorbed molecule is that it is less easily desorbed. 

On the basis of general considerations of adsorption phenomena, it can 
be predicted that the extent of adsorption would increase with concentration 
rapidly at first and then more slowly. The amount of adsorption for any 
particular system should be a function of the concentration of the inhibitor. 

It is known that the electrode potential of a metal is affected by the 
addition of an inhibitor to a corroding system. Adsorption of inhibitor 
molecules should give a large change of potential initially as the more 
active areas are covered first. As these areas become saturated and ad- 
sorption begins to take place on the less active portions, the potential 
change should become less marked and the time-potential relation should 
eventually reach a steady value at a potential dependent on the concentra- 
tion and nature of the inhibitor as well as on the nature of the metal and its 
surface. This steady potential value for several concentrations of a par- 
ticular amine plotted against amine concentration should give a typical 
adsorption isotherm. Mann (3) obtained such curves for steel, but to do so 
he cathodically polarized the steel, presumably to eliminate local cells on 
the surface. In so doing, however, the surface of his metal became equi- 
potentialized (cathodically) and adsorption necessarily occurred only at 
the cathodic areas. In this work it was hoped that the Langmuir type 
curves would be obtained from the change in potential of the metal but 
without passage of current through the cell other than the minute amount 
required for the potentiometer. 


EXPERIMENTAL 


The potentials were measured by a Type K-2 L and N potentiometer. 
The cells were kept at 35°C. +0.1°C. in a kerosene bath equipped with 
suitable thermostating accessories. Current flow from one portion of the 
circuit to another was prevented by putting all the instruments on an 
equi-potential shield. This was done by placing pieces of sheet metal 
under each separate unit (galvanometer, standard cell, etc.) and connecting 
these sheets with thin copper wire. The shield was not grounded. Any 
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stray potential picked up by the equipment was then immediately dis- 
tributed equally over the entire apparatus and could leak off slowly to 
ground through the air. This method proved very effective in eliminating 
a constant error of 1.5 mv. in all the potentiometer readings which had 
been found in preliminary runs. 

The copper electrodes, 2.5 x 5 em., were cut from a thin sheet of electro- 
lytic copper obtained from the Baker Chemical Company. Analysis 
showed 0.001 per cent iron as impurity. A piece of bare copper wire was 
soldered to one end of each copper electrode to serve as a means of coupling 
to the electrical circuit. To prevent local cell action at this copper-solder 
junction, the top one-third of each sample and the lead wire were dipped in 
Ucilon? so as to cover completely the joint. Three coats were applied to 
each coupon to insure good covering. 

The copper coupons were cleaned as recommended by Wesley (11), i.e., 
they were dipped in nitric acid, scrubbed with pumice, rinsed, and dried. 

A saturated calomel electrode was used as a reference electrode in the 
arly experimental work. Numerous solutions were tried in an attempt to 
find a system with which it would be possible to obtain reproducible re- 
sults. Among those tried were aqueous solutions of NaCl, NaCl-CueCh , 
NaCl-CuSO,, concentrated HCl, distilled water, and tap water. In 
general, these experiments showed in a very qualitative way that 1) copper 
became more noble (more cathodic) on addition of amines, and 2) copper 
became more noble with increased concentration of individual amine. 

Referring to the work of Lawrence and Walton (4), a system using 
phosphoric acid, saturated with cupric phosphate to maintain a constant 
Cu(II) concentration, was tried. It was found, however, that reproducible 
potential changes could not be obtained with this sytem. Although a 
change in potential was noted, which showed that the metal became some- 
what more cathodic due to the presence of the amine, the values were 
neither steady nor reproducible. It was noticed that the pH of solutions 
varied from 1.8 to 2.26 during the course of the experiments. Thereafter 
the solutions were buffered at a pH of 3.0 using a citric acid-sodium hydro- 
gen phosphate buffer made up according to Clark (12). The results ob- 
tained from these experiments again indicated that the potential change 
was a function of amine concentration. Unfortunately, although the 
values were steady, reproducibility was still difficult to attain. 

It was suspected that the difficulty might lie in the fact that the cupric 
ion could form complexes not only with the amines but also with the various 
anions present. In order to reduce complications due to the latter it was 
decided to replace the calomel electrode with a “blank” copper half cell. 
This blank was merely the half cell with the copper electrode and buffered 
solution but without fhe amine. The measurements with such systems 
were steady and reproducible. In this way it was possible to follow the 
variation in potential due solely to the presence of the amine in one of the 
half cells. 

Procedure 

The procedure consisted in preparing the buffered solutions, adding the 
amine in proper amount to a portion of this solution, placing the cell vessel 
with each of the two solutions in the thermostat, and allowing them to come 


2A corrosion resistant paint furnished by United Chromium, Inc. Waterbury, 
Conn. 
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to thermal equilibrium. This generally required an hour or more. At the 
end of this period the copper electrodes were immersed and the measure- 
ments made. The electrodes were checked against each other in identical 
solutions prior to the run. This check was repeated following the comple- 
tion of a run and subsequent cleaning of both electrodes in the standard 
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Fic. 1. Time-potential curves of copper using di-n-amyl amine as inhibitor. 
A—0.1%, B—0.25%, C—0.5%, D—1.0%, E—2.0% 
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Fic. 2. Effect of concentration of inhibitor on the electrode potential of copper. 
di-n-amy] amine, V—diethyl amine, 0—isobuty! amine. 


manner. For all cells used the electrode pairs showed zero potential when 
immersed in the same solution (the amine-free buffered solution described 
above). 

Using this arrangement with di-n-amyl amine at various concentrations, 
time-potential curves such as those shown in Fig. 1 were obtained. Similar 
time-potential curves (not included here) were found for diethyl amine and 
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: 
a iso-butyl amine. It was observed that at the lowest concentrations the 
p. amines actually caused an increase in potential toward the anodic side (see 
al | Discussion). It may be noted that the potentials reached a steady value 
* after a period of about one hour. The steady potential values were plotted 
d against concentration of amine as shown in Fig. 2. Data for these three 
amines are given in Tables I, II and III. 
TABLE I. Data taken from time-potential curve for di-n-amyl amine on copper in the 
system: 1M H;P0,, 0.5% CusP0O,, buffered at pH = 3.0, T = 35°C. 
- : E in millivolts after , 
C in per centamine @ talents E ( 
0.1 6.4 3.6 0.0277 
0.25 2.0 8.0 0.0313 
0.5 1.9 11.9 0.0420 
1.0 5.2 15.2 0.0658 
2.0 6.4 16.6 0.1205 
TABLE II. Data taken from time-potential curve for diethyl amine on copper in the 
system: 1M H;PO,, 0.5% CusPO,, buffered at pH = 3.0, T = 35°C. 
C in per cent amine B - oe E’ C/E’ log E’ log C 
0.05 4.3 5.7 0.0088 0.7559 1.301 
r. 0.25 1.7 8.3 0.0301 0.9191 —0.602 
0.5 0.1 9.9 0.0505 0.9956 —0.301 
1.0 3.1 13.1 0.0763 1.1173 —0.000 
2.0 4.3 14.3 0.1399 1.1553 0.301 
TABLE ILI. Data taken from time-potential curve for isobutyl amine on copper in the 
system: 1M H;P0,, 0.5% CusP Os, buffered at pH = 3.0, T = 35°C. 
C in per cent amine Ein po ooo E’ C/E’ 
0.15 1.1 8.9 0.0169 
0.25 2.0 12.0 0.0208 
0.5 7.3 17.3 0.0289 
1.0 11.7 21.7 0.0461 
2.0 12.8 22.8 0.0877 
The Langmuir adsorption equation may be written in the linear form as 
follows: 
(1) c/x = 1/ab + c/b 
where x is the amount of material adsorbed, ¢ the concentration of the 
adsorbate in the solution, and a and b are constants. The electrode po- 
tential (Z) has been shown to be related to the concentration of the amine 
n 


and further, it has been postulated that it is a function of the amount of 
material adsorbed. The linear equation may then be rewritten as: 


‘ (2) c/E = 1/a’b’ + c/b’ 


| where E£ is the electrode potential and a’ and b’ are new constants. 
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Fig. 2 shows that with increasing concentration of amine the electrode 
potential went from a less noble to a more noble potential passing through a 
zero Value for E. This made it impossible to plot in the linear form accord- 
ing to equation 2. It was thus necessary to choose some arbitrary zero 
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Fic.4. Data from Fig. 2 replotted according to a modification of the linear form of 
the Freundlich equation for diethyl amine . 


below the least noble value and recalculate the potential values with respect 
to this arbitrary scale to obtain modified potentials (Z’). The zero point 
was set at 10 mv. in the less noble direction. This meant that a point 
10 mv. in the more noble direction would correspond to 20 mv. on the 
arbitrary scale. On this basis a plot of c/E’ versus ¢ gave essentially a 
straight line for each amine used (Fig. 3), indicating the possible applica- 
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bility of the Langmuir theory of adsorption. The data were also plotted 
to see if they conformed to a form of the Freundlich equation: 
(3) log E’ = logk + 1/n log c 


/ 


where E’ is the electrode potential, c is the concentration of the adsorbate 
in the solution, and k and n are constants, but only the results obtained with 
diethyl amine were compatible (Fig. 4). 


DISCUSSION 


It is evident that the electrode potential of copper immersed in the 
buffered phosphoric acid-copper phosphate solution used is changed by the 
addition of small amounts of organic amine. In the solutions more con- 
centrated with respect to the amine the metal electrodes were definitely 
more noble due to the addition of the inhibitor. At the lowest amine con- 
centrations the electrode potentials became less noble (Fig. 1) with the 
addition of the inhibitor. From visual observations, however, even these 
lowest amine concentrations appeared definitely to inhibit the corrosion of 
the copper. 

The formation of copper-amine complexes may help account for the less 
noble potential at the lowest concentrations. As small amounts of amine 
are added, complex formation utilizes effectively all of the amine and de- 
creases the concentration of the copper ions in that half cell. The po- 
tential should then increase anodically in accordance with the familiar 
equation 

‘yy’ 

(4) Ececet+ = Eceest* — oF In deu++ 

However, the presence of the amine also alters the copper surface, by ad- 
sorption, and this effect produces a more noble condition. Since visual 
evidence indicated that corrosion of the metal was inhibited even at the 
lowest amine concentrations it is probable that the shift in the anodic 
direction was somewhat less than that actually due to a decrease in cupric 
ion concentration. In other words, there are two opposing forces affecting 
the potential: first, a decrease in cupric ion concentration due to complex 
formation causes the potential to change to a less noble value, and second, 
the inhibiting effect causes the potential to change in a more noble direction. 

In agreement with the prediction made in the introduction, the electrode 
potential—concentration curves do follow the Langmuir type adsorption 
isotherm. ‘This indicates that the phenomenon causing the potential 
change is a surface effect of the type postulated in Langmuir’s theory of 
monomolecular adsorption. The fact that such a concentration effect was 
obtained lends credibility to the generalized theory of adsorption men- 
tioned earlier. At low concentrations the large potential increments for 
given concentration changes were due to the coverage of the more active 
areas, which should constitute the anodic portions of the surface. At the 
higher concentrations, potential increments were smaller as the more anodic 
surfaces were covered and the “average” cathodic value was approached. 

The molecules of inhibitor which are adsorbed on the more active areas 
are believed to be more tightly held and thus more difficult to remove than 
those on the less active areas. An approach to this problem is possible by 
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measuring the potential of the copper in the uninhibited solution after it 
has reached a steady potential in the inhibited system. The inability to 
desorb polar organic compounds completely from a metal surface was shown 
by adsorption-desorption isotherms of stearic acid on steel (10). The more 
firmly held molecules, represented by the lower portion of the adsorption 
isotherm, probably inhibit by decreasing the tendency for the metal atoms 
to leave the surface as well as by decreasing the ability of the corrosive 
molecules to reach the metal surface. ‘The molecules adsorbed on the less 
active areas (represented by the upper region of the isotherms) are thought 
to inhibit largely by controlling the rate of diffusion, as has been pointed out 
by others (7, 9), and by increasing the hydrogen overvoltage (3, 4). 

The deviation of the slope of the diethyl amine curve in Fig. 3 from the 
other two has been considered, but no reasonable explanation has yet been 
reached. 

CONCLUSIONS 

It has been shown that the extent of inhibitor adsorption on a metal 
surface may be followed by observing the change in the electrode potential 
of the metal. The results show that the adsorption is of the Langmuir 
type. It is postulated, based on the large potential increments at low amine 
concentrations, that such inhibitors may be effective by decreasing the 
solution tendency of the most active metal spots. The total effectiveness 
of the inhibitor, however, is believed due to a combination of such decrease 
in solution tendency with cathodic effects and diffusion control. 


Any discussion of this paper will appear in the discussion section of Volume 93 of 
the Transactions of this Society. 
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COMPOUNDS OF HYDROGEN WITH METALS 
AND METALLOIDS'! 
THOMAS R. P. GIBB, JR. 
Director of Chemical Research, Metal Hydrides Inc., Beverly, Massachusetts 
ABSTRACT 
Compounds possessing a metal-hydrogen or metalloid-hydrogen bond are 
classified and their preparation, structure, and properties reviewed briefly. 
The chemical, metallurgical, and technological uses of hydrides are referred 
to in the light of recent developments. 


1 Manuscript received February 2, 1948. This paper prepared for delivery before 
the Columbus, Ohio, Meeting, April 14 to 17, 1948. 
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INTRODUCTION 
® Hydrides are not generally considered ordinary compounds like halides 
but are for some reason held by most chemists to be unstable entities, both 
non-stoichiometric and non-utilitarian. This undeserved prejudice is 
rapidly disappearing in the light of recent noteworthy advances in the 
hydrides field. While the characterization ‘‘non-stoichiometric” is still 
applicable to a number of hydrides, recent and current work tends to dem- 
onstrate that, in many cases, past failures to obtain stoichiometric hydrides 
result from the presence of inhibiting impurities or from faulty synthetical 
techniques. New synthetical procedures have been devised within the 
last few years which not only make possible the preparation of hitherto un- 
known hydrides but also large-scale preparation of some of the known com- 
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Fig. 1. Periodic distribution of hydrides. Elements bracketed are not reported 
as forming hydrides. Elements which form several hydrides have been classed in 
ser ga with the reported properties of the most stable or best authenticated 


=z. 
*2oOo 2” 


pounds previously obtainable only in small quantities. Ready availability 
of the hydrides and alkyl hydrides of boron, silicon, aluminum, tin, etc. 
may prove of considerable significance in view of potential uses in the 
metals-coating and plastics fields. Moreover, new uses are constantly 
being developed for the long-available hydrides of lithium, sodium, calcium, 
barium, titanium, and zirconium. Other novel hydrides such as the com- 
plex hydrides, lithium aluminohydride, sodium borohydride, etc., show 
technological promise in such divers fields as pharmaceuticals, dyestuffs, 
and ceramics. The purpose of this brief review is to provide a background 
of useful information on this interesting group of compounds. 


DEFINITION AND CLASSIFICATION 


Although somewhat contrary to usage, a hydride will here be defined as a 
“stoichiometric compound in which there is present a metal-hydrogen 
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bond.” This definition of “hydride” excludes the hydrogen compounds of 
nitrogen, oxygen, the halogens, sulfur, selenium, ete. which are located in 
the lower portion of the Bohr periodic table (Fig. 1). The hydrogen com- 
pounds of these elements which are frequently called hydrides have rela- 
tively little in common with the hydrides as defined; this fact is reflected in 
their names, e.g., hydrogen chloride, hydrogen selenide, phosphine, am- 
monia, ete. 

The hydrides are best classed in three principal groups: (1) Saline or salt- 
like or ionic, (2) Metallic, (3) Volatile. At the present state of our knowl- 
edge, another class must be included, (4) sometimes referred to as Inter- 
TABLE I. Classification of Hydrides 

(Selected from the recent literature q.v.) 


[ 





Primary 





thalides Name Formula Physical characteristics 
Saline Sodium hydride NaH W. cryst. Reacts explosively with water 
Lithium hydride LiH W.cryst. Photosensitive. Reacts rapidly with water 
| Calcium hydride CaH: W.cryst. Reacts rapidly with water 
Metallic | Uranium hydride UH: Brittle metallic pyrophoric powder. No reaction with 
water 
| Zirconium hy- ZrHz Brittle metallic powder. Stable. No reaction with 
| dride water 
Chromium hy- CrHs Black powder. Dissoc. at room temp. 
| dride 
Volatile Silicon hydride SiH, Col.gas. Strongodor, toxic 
Tin hydride SnH, Col. gas. odor, toxic. V.P. 182 mm at —80°C. Dissoc, 
| room temp. 
| Antimony hydride SbHs: Col. gas. odor, toxic. Dissoc. below red heat 
Complex 
hydrides 
| 
Saline Sodium borohy- NaBHa W. cryst. No react. cold water 
dride 
Lithium alumino- LiAl Ha W. cryst. Reacts violently with water 
| hydride 
Volatile Dimethylalumino CH:):AlH Liquid. Reacts violently with water 
hydride 
Tetraborane BiH Liquid B.P. 18°C. Reacts readily with water. Dec. 


slowly room temp. 

stitial. The first three classes are fairly well defined although there is some 
overlapping of borderline cases. The fourth class, however, includes a 
variety of inadequately studied substances reported to be either solid 
solutions, adsorption products, solutions of metallic hydrides in metals, or of 
hydrogen in metallic hydrides, etc. As more knowledge of this group is 
acquired, it is quite probable that most members of this class will be found 
to consist of either metallic hydrides of the second group or solid solutions. 
In addition to the above, hydrides may be classed either primary or 
secondary, i.e., complex. A primary or simple hydride contains only one 
element besides hydrogen, for example, CaHs, SiH, , etc., whereas a com- 
plex or secondary hydride may contain additional elements, e.g., LiAlH, , 
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etc. A common type of secondary hydride is the organometallic hydride 
which contains alkyl or other organic radicals, e.g., dimethylsilicon dihy- 
dride or dimethylsilane (CH;).SiH.. There is some question as to the 
proper classification of the anomalous hydrides of boron and silicon which 
are chain or ring structures superficially comparable to hydrocarbons. A 
few typical hydrides are illustrated in Table I. 

The hydride-forming elements may be grouped roughly according to their 
position in the periodic table. The distribution illustrated in Fig. 1, how- 
ever, is tentative since the hydrides of several elements either have not yet 
been prepared or have not been adequately described. Some hydrides 
made by the atomic hydrogen method referred to below may be complex or 
polymeric and their properties, therefore, not representative of the simple 
formula assigned. 


STRUCTURE AND GENERAL PROPERTIES 


The primary saline hydrides are ionic and generally crystalline, non- 
volatile compounds analogous in many respects to the corresponding 
fluorides and chlorides. The properties of the negative hydrogen or 
hydride ion H~ are in keeping with the concept that H~ is the lightest mem- 
ber of the halide family I-, Br~, Cl-, F~. The hydride ion is intermediate 
insize between the fluoride and chloride ions and is less electronegative than 
either. The analogy between NaH and NaCl, and between AIH; and 
AIC]; is quite good and extends even to their respective solubilities in 
ether. A related analogy is derived by considering H*H~ as the weakest 
acid of the series HI, HBr, HCl, HF, HH. The basicity of the hydrides 
is in accordance with the idea that they are salts of « strong base and a weak 
acid. On electrolysis of sintered or molten saline hydrides, hydrogen is 
evolved at the anode in close agreement with Faraday’s law. With the 
exception of aluminum hydride and possibly the hydrides of magnesium 
and beryllium, the primary saline hydrides are generally insoluble in 
inert solvents at or below ordinary temperatures. Liquid ammonia does 
not function as a solvent except by reaction, nor apparently do the amides. 
Several of the more stable primary halides dissolve in fused alkali halide 
eutectics and sodium hydride is soluble in fused sodium hydroxide. 

Ready thermal dissociation of the saline hydrides is a characteristic 
property. The dissociation of the primary hydrides is an equilibrium 
process but, for some of the secondary hydrides, the dissociation may be 
neither reversible nor simple. Dissociation curves of a number of hydrides 
are given in Fig.2. Johnson (1) points out, in the case of calcium hydride, 
the considerable effect of purity on the initial dissociation pressure, and 
the existence of two calcium-calcium hydride phases. 

The crystal structure of the alkali hydrides is also in keeping with the 
halide analogy even to the magnitude of the lattice energy. All have the 
NaCl type structure with hydride ions taking the place of chloride ions. 
The density of the alkali metal hydrides, calcium hydride, barium hydride, 
and probably of all the normal saline hydrides is greater than that of the 
corresponding metal. The structure of some representative hydrides 
is shown in Table IT. 

The properties of some of the hydrides classified in Fig. 1 as saline are 
not in keeping with the properties of ionic substances. Aluminum hydride, 
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for example, is anomalous in severalrespecis. Investigation of the electron- 
deficient structure of diborane indicates the existence of hydrogen bridges 
which are variously postulated as “half-electron bonds” or protonated 
double bonds. Probably the apparent divalency of hydrogen is a result of 
resonance (2). Aluminum hydride is thought to have the same type of 
bonding and there are a number of hydrides classed above as “‘saline’”’ which 
may not be ionic in the sense that NaH or NaCl is ionic. This is particu- 
larly true of the little-known hydrides of copper, silver, gold, and possibly 
beryllium. It has been proposed (3) that these hydrides and possibly a 
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Fic. 2. References: NaH, KH (6). LiH (7,8).* BaHbe, ZrH2 (9). CaHs (10). 
few others are polymeric structures whose metal atoms are linked together 
by hydrogen bridges. Aluminum hydride has actually been observed to 
polymerize in ether solution, the etherate of the polymer precipitating as 
an apparently amorphous mass. The structure of such hydrides may be 
based on a coordination number of four or six. Thus beryllium hydride 
may be represented by the structure (HBeH»BeH ), and aluminum hydride 
by a two dimensional 6-structure in which eachsaluminum atom is “half- 
* More recent work indicates a perfectly linear dissociation curve over the range 
770-825°C. following the equation log P = — 9337/T + 11.131. The writer is indebted 
to W. C. Johnson, of the University of Chicago, for this information. 
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bonded” to six hydrogen atoms. Such polymeric structures may still be 
classed with the saline group with reservations concerning the per cent 
of ionic character in the M—H bonds. The volatile hydrides of the third 
group almost certainly are dimeric structures of the H;MH,MHp, type 
(Fig. 3). 

The metallic hydrides present all of the structural complexities of inter- 
metallic and interstitial compounds. It appears likely from the recent 


TABLE II. Physical properties of solid primary hydrides (selected) 


Lattice AH re- 
Formula Crystallographic properties Density, g/cc. Reference jae —— LO. 
21) kg cal 
LiH f.c. cubic. (B-1 0.76% (.816 14 217 43.2/2 31.47 
a 4.085 A 
NaH f.c. cubic a 4.88, (4.96) 1.36% (1.40x 14) 189 27.6/2 31.50 
KH f.c. cubic a 5.70 1.43 ~ (1.47 14) 166 28.5/2 
RbH f.c. cubie a 6.03 2.59 x (2.60) 14 161 24.0/2 
CsH f.c. cubic a 6.37 3.41% (3.42 14) 154 39.8/2 
CaH D}f deformed hex, C-29 1.9 (1.7) 15 560 46.6-51.0 48.7 
a 5.936 b 6.838 
c 3.600 
SrH a 6.364 b 7.343 ¢ 3.275 15 527 42.2 37.50 
3.875 
BaHy» a 6.788 b 7.829 ¢ 4.21 15 492 40.96 55.0 
4.167 
TiH.s hex. a 3.11 12 
c 5.02 (a 4 
TiHe f.c. cubic a = 4.46 (6 3.912 (Ti: 18 31.1 (TiHy.7s 
ZrH 5 Hex. close pack 
a 3.34 
ZrHi.o | f.c. cubic a= 4.77 
ZrH2 tetrag. a 4.964 5.67(5.47 12, 15, 19 40.5 
c 4.440 (€ 
ThH? orthorhombic 
a 4.09 = be = 5.02 
TaHy b.c. cubic a = 3.314-3.399 20) silt. + 
laH b.c. cubie a 3.44 15.10 
Ni; hex. a 2.684 7.04 14 
c 4.382 
PdH, 4 3.89-4.07 14 
CrHsa 6.76 3.80 
UH cubic a 6.631 10.92 4 
Oh, O? or Ty 
Cu B-4 type a = 2.89 6.38 17,18 5.12 (—71.7 
e 4.60 


work of Rundle (4) that some, if not all of the true metallic hydrides, also 
have a structure which requires that hydrogen have a valency of more 
than one. Thus in the case of uranium hydride (Fig. 4), the hydrogen 
atoms form connecting bridges between uranium atoms. This is not an 
entirely unexpected phenomenon in view of the theory of hydrogen bridges 
mentioned above. Pauling’s theory of the structure of metals (5) is appli- 
‘able to the metallic hydrides on this basis and the relation of bond order 
to bond length thereby derived is in keeping with that observed (11). 
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The shortening of the metal-hydrogen bonds appears to favor some form 
of a resonating structure. In some of the interstitial or solid solution 
hydrides, the activity of the hydrogen as a reducing agent is thought to 
indicate its liberation in the atomic state from the metallic compound or 
solution. Hiagg (12) and more recently Horn and Ziegler (13) have shown 
that during hydriding the metal lattice may show progressive expansion 
until a new phase appears. On the other hand some metals may hydride 
almost instantly and completely on the surface before the underlying 
metal is affected. 

The heat of formation of metallic hydrides is generally high, i.e., of the 
order of 30-40 Kg-cals, for the titanium group hydrides and for the rare 
earth hydrides, although it falls off rapidly in the tantalum group. Reli- 
able data is scarce because many observers failed to obtain stoichiometric 
hydrides. Even such unstable hydrides as Nil: are reported to have heats 
of formation comparable to those of the stable saline hydrides. The heat 
of solution of hydrogen in some metals alleged not to form true hydrides 
is surprisingly high and appears indicative of compound formation. All of 


Fic. 3 Fia. 4 
Fic. 3. A schematic representation of BH, 
Fig. 4. A portion of the proposed solid structure of UH; (4) 


the metallic hydrides reported are metallic or gray-black in appearance 
and slight but significant electrical conductivity has been shown by those 
tested. The density of reported metallic hydrides appears always to be 
less than that of the metal in contrast to the saline hydrides. This is in 
keeping with the slight increase in the dimensions of the metal lattice due 
to hydrogen absorption or combination (Table IT). 

It is difficult, on the basis of present information, to differentiate between 
tle various ways in which hydrogen becomes associated with metals to 
form metallic systems. There sometimes appears to be no sharp differ- 
entiation in nonstructural properties through the series: solid solution of 
hydrogen, solid solution of hydrogen and hydride, solid solution of hydride, 
pure hydride, and solid solution of hydrogen in hydride. More precise 
dissociation studies with purer materials are needed, together with X-ray 
diffraction studies. The recent investigations of uranium hydride (22) 
point the way toward clarification of the many obscure details of meta!- 
hydrogen systems and indicate that extreme purity of both metal and 
hydrogen is essential if high hydrogen-metal ratios are to be attained. It 
is quite possible that preparation of stoichiometric metallic hydrides via 
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direct combination is feasible only in the few cases cited and that indirect 
methods alone will prove satisfactory. 


GENERAL METHODS OF PREPARATION 


There are five synthetical procedures which are applicable in a sufficient 
number of cases to warrant their description here. The simplest and one 
of the most widely applicable methods is direct combination of hydrogen 
with metals. 


M + 5 H, — MH, 


The ease with which this reaction proceeds and the extent to which it 
goes vary not only with the metal itself but with a variety of factors in- 
cluding purity and porosity or state of subdivision. The solubility of 
hydrogen and hydride in the metal is a critical factor. If the hydrogen 
does not diffuse into the metal, or if the surface hydride is more or less 
impervious, complete hydriding is difficult. The accelerating effect of 
high temperature may be offset by the tendency towards thermal dissocia- 
tion of the hydride with the net result that there is generally a narrow 
range of temperatures which may be considered optimum. 

The alkali and alkaline earth metals, with the exception of beryllium 
and magnesium; the rare earth elements (only partially surveyed); the 
fourth group metals (with the exception of silicon); and palladium, colum- 
bium, uranium, and plutonium all form hydrides by direct combination. 
A few elements such as iron, nickel, chromium, and the platinum group 
metals may also form stoichiometric hydrides by direct combination 
but contradictory results are reported and it may be best to state merely 
that these metals take up elementary hydrogen in almost stoichiometric 
quantities. A number of compounds of metals which are reducible by 
hydrogen to metals also yield the hydrides. Thus a few oxides and halides 
may be converted to hydrides directly by action of hydrogen, e.g., 


La.O; + 6H. oa 2LaH; + 3H.O 


Where the oxides, halides, ete. are not reducible by hydrogen, a reducing 
metal (preferably non-hydriding) such as magnesium or aluminum may be 
added (23). A large quantity of calcium hydride was made by this process 
during World War II (24). 


CaO + Mg + H;, — CaH,. + MgO 


The postulated formation of a film of hydride when an aluminum surface 
is made the anode in an aqueous potassium hydroxide electrolyte is of 
interest (25). A number of hydrides of the more noble metals are reported 
to be formed at the cathode during electrolysis of aqueous solutions; 
palladium, for example, not only forms a hydride under these conditions 
but likewise takes up a very considerable excess of hydrogen, presumably 
forming a solid solution. 

A second and even more general synthesis of hydrides is a modification 
of the direct synthesis where the hydrogen is activated by a glow discharge. 
The reaction of atomic hydrogen with metals and compounds of metals 
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has been studied extensively, and with the possible exception of cadmium, 
chromium, iron, mercury, palladium, tungsten, and zinc, hydrides of 
practically all the hydride-forming elements have been so prepared (26, 
27, 28, 29, 30). The hydrides formed in some cases, although giving 
correct analyses, appear to be different from those prepared by other 
means; this is possibly due to polymerization or possibly due to the absence 
of metallic impurities. 

Most of the volatile hydrides are prepared by aqueous reactions which 
are conveniently discussed together although they may be classified sepa- 
rately as hydrolytic and reductive methods. ‘The well-known formation 
of arsine and stibine by the action of acid on zine containing the corres- 
ponding metalloids is an example of the reductive process. The classical 
preparation of boron hydrides from magnesium silicide and dilute acid 
exemplifies the hydrolytic method which has been reviewed by Hurd (31). 
Because of low yields, the aqueous methods are not commercially signifi- 
cant and will undoubtedly be abandoned in favor of more recent procedures. 

A preparative method of considerable theoretical interest is that of 
Weichselfelder and Thiede (32). This method makes use of the reducing 
action of Grignard reagents on metal halides. The halide of the metal is 
allowed to react in ether solution (or suspension) with phenyl magnesium 
bromide in the presence of gaseous hydrogen. The overall reaction is 
assumed to be: 


MCi, + 2CsHsMgBr + 2H, — MH, + 2C,H,s + 2MgBrCl 


The stoichiometric but unstable hydrides of W, Mo, Cr, Fe, Co, and Ni 
aave been prepared in this manner. Several hydrides of the latter three 
elements may be prepared (33). 

The most promising general method of hydride synthesis is the hydride 
metathesis reaction of Schlesinger (34). This method is very powerful, 
yet the operating temperatures are low enough (<40°C.) to permit synthesis 
of even the most thermolabile hydrides. The synthesis is based on a 
metathetical reaction of an active hydride such as LiH or LiAIH, with a 
metal halide or organo-metallic compound: 


MX, + nLiH — MH, + nLix 


The reaction is carried out in an ether solution or suspension. Ethers 
having a high oxygen to carbon ratio are preferred, e.g., dimethyl ether, 
diethyl ether, and the lower cellosolve ethers, dioxane, ete. Lithium 
aluminum hydride, prepared by this type of reaction, is the preferred 
reducing agent. The formative reaction and two illustrative reactions are 
as follows. All are carried out in dry alcohol-free ether. 


{LiH + AICI], — LiAIHy + 3LiCl 
3LiIAIH, + AIC], — 4AIH; + 3LiCl 
LiAIH, + 2Zn(CH;). — 2ZnH, + LiAl(CHs;)4 (?) 


Hydrides of Be, Mg, B, Al, Si, Ge, Sn, As, Sb have been prepared by this 
type of reaction and there is reason to believe that many other hydrides 
may be made in an analogous manner. 

The significance of the metathetical synthesis lies in the fact that through 
it many hydrides hitherto available only in micro quantities, because 2f 
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the limitations of other preparative methods, may be prepared easily 
and on a large scale. Ready availability of the volatile thermolabile 
hydrides may result in technological applications, for instance, in the 
metallizing industry. 

The metathetical reaction is also useful for the preparation of secondary 
hydrides and organometallic hydrides (35), e.g., 


‘AIH; + 3BCl, — 2. AlBH,); + 3AICI 
SLiAlH, + 4BCl, —8-. 2BeH, + 3LiAICl, 
LiAIH, + 48iR.Ccl —**Me"_, 4SiR.H + LiAICl, 


A number of borohydrides may be prepared in this general way. These 
members of the hydride family possess considerable technological and 
theoretical interest and are being studied in many laboratories. Secondary 
hydrides containing the borohydride or borane root combined with non- 
metallic atoms or radicals are also known and constitute another new field 
for further inorganic research. 


TABLE III. Typical reactions of LiH, NaH, CaH, 


1) MH + HO — MOH + H: 

(2) MH + ROH — MOR + H: 

3) MH + RCOOH — RCOOM + H: 
4) MH + NH; ~ MN + He 


(5) MH + Cle — MCI + HCl a, MCl + H:2 


MH 
~ . . ., MH . — . 2 
(7) 2RCH2COOEt » RCH-COCHRCOOEt + }H2 


(6) 2CH:sCOCH, (CHs)2C == CHCOCHsS et seq. 


INDIVIDUAL HYDRIDES OF IMPORTANCE 


Lithium hydride is a white, brittle, crystalline material darkening rapidly 
on exposure to light. The commercial product, made by combination of 
the elements, is usually gray. The crystal system is isometric Np = 1.615. 
This hydride reacts rapidly but not violently with water and more slowly 
with the lower alcohols. It may be ground and handled in air if the par- 
ticles are larger than approximately +60 mesh. It behaves somewhat 
like lithium but is less reactive and possesses very little reducing power 
below the dissociation temperature. It does not form organo-metallic 
compounds with organic halides and forms acetoacetates, ete. with some- 
what more difficulty than lithium or sodium. It is soluble in an LiCl-KCI 
eutectic but no other solvent has been reported. Liquid ammonia reacts 
inappreciably; gaseous ammonia reacts readily above 400°C. yielding a 
pure amide. Lithium hydride shows the typical reactions illustrated 
schematically in Table III. Major uses include hydrogen generation in 
portable generators where on reaction with water, one gram liberates 
approximately 2.8 liters of hydrogen at STP. 

Sodium hydride resembles lithium hydride in many respects but is con- 
siderably more reactive. It reacts explosively with water, violently with 
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lower alcohols, and inflames spontaneously on standing in moist air. It 
is a white substance forming transparent needle-like crystals on sublimation 
in a stream of hydrogen (isometric np = 1.470). The commercial product 
is a gray-white powder made by passing hydrogen into molten sodium 
above 250°C. The sodium is either dispersed in oil or mixed with a 
catalyst such as anthracene (36). Sodium hydride shows most of the 
reactions of sodium but possesses almost no reducing power below the 
temperature of marked dissociation. It is thus very useful where the 
reducing properties of sodium are undesired as in various organic reactions. 
Sodium hydride is an excellent condensing agent for reactions of type 6 and 
7 (Table III). At elevated temperatures it is a powerful reducing agent 
and reduction catalyst. It is soluble in molten sodium hydroxide and 
the solution is employed for the reduction of oxide scale on metals (44), 
Sodium hydride is insoluble in liquid ammonia but forms the amide at 
moderate temperatures. 

Calcium hydride is a white crystalline substance although the commercial 
product contains sufficient calcium to render it gray. It resembles calcium 
carbide in appearance and handling properties as well as in the rate of 
reaction with water and alcohols. It is made by direct combination of 
the elements or in impure form by reduction of lime with magnesium in 
the presence of hydrogen. It is a safe, easily handled material. When 
ignited by a bunsen flame, it is readily extinguished by stirring or smother- 
ing. Its reactions closely parallel those of lithium hydride but it is less 
reactive with lower alcohols. Calcium hydride is a moderately powerful 
condensing agent for reactions of type 6 and 7; to effect Claisen condensa- 
tions of the latter type, however, the temperature must be above approxi- 
mately 150°C. As a reducing and drying agent, it offers many advantages 
over both lithium and sodium hydrides. It is a far more powerful reducing 
agent towards metal oxides, ete. and possesses a number of practical 
advantages as well. Considerable quantities are used to prepare various 
rare metals and powdered alloys by reduction of oxides above 600°C. 
Potassium fluoride is reduced to the metal at 500°C. Calcium hydride is 
an excellent drying agent for the super-drying of liquids and gases. It 
does not become coated with reaction product and functions most effi- 
ciently at elevated temperatures where adsorptive drying agents fail. 
Calcium hydride is used in large quantities for generation of hydrogen by 
reaction with water. It liberates approximately one liter (STP) per 
gram and provides an inexpensive and portable source. 

Titanium and zirconium hydrides are very similar. Both are gray- 
black powders possessing low conductivity but metallic in microscopic 
appearance. ‘These hydrides are best made by the reduction of the oxides 
with calcium hydride above 600°C. in the presence of hydrogen. Although 
easily converted to the metals by heating in vacuo, the hydride powders 
are less pyrophoric than the metals and may be handled when dry. The 
hydrides are therefore used for a variety of purposes instead of the pure 
metals, viz., in the vacuum tube industry and in powder metallurgy where 
use of the hydrides results in a denser compact (37). Neither hydride 
reacts appreciably with water or weak acids although strong acids react 
rapidly with titanium hydride yielding solutions of titanous salts. Sul- 
furic acid is reduced in part to sulfur. Both hydrides are powerful reducing 
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agents in acid solution or at high temperatures. Aqueous solutions of 
ferric ion are quantitatively reduced to ferrous ion by titanium hydride. 
Both hydrides are effective hydrogenation catalysts (38). 

Sodium and lithium borohydrides, NaBH, and LiBH,, have been studied 
thoroughly but to date little has been published of their properties. Both 
borohydrides are reported to be strong reducing agents and stable under 
ordinary conditions although reacting with moist air. Both hydrides are 
white and microcrystalline. The decomposition temperature of sodium 
borohydride is above 300°C. (39). Sodium borohydride is unusual in that 
it reacts only very slowly with cold water; in the presence of traces of 
various metal salts, however, it reacts smoothly with water yielding 2.4 
liters of hydrogen per gram (40). It is insoluble in most organic solvents 


TABLE IV. Reactions of lithium aluminohydride (42) 
(1) 2LiAIH, + 5NHs — [LiAIH(NHe2)2l2NH + 6He2 (also RNH2, ReNH) 
(2) LiAlIH, + 4ROH — LiAL(OR), + 4H» 
HClaq 
7 ~ F HCl aq . 

4) 4RCHO + LiAIHy — (RCH2O)LiAl — -~ 4RCH.,OH + LiAICk aq. 
5) 4RCOOH + 2LiAIH, — (RCHO),LiAl + 2LiAlO; + 4H 

| HCl aq 

4RCHZOH + LiAICk aq. 
2LiAlLH, + 4RCOOR’ — (RCH.O),LiAl + (R’O),LiAl 





(3) 4R2CO + LiALHy — (RCH:20),LiAl + 4RCH2OH + LiAICk aq. 


HCl aq. | 
4RCH.OH + 4R’OH + 2LiAICk aq. 
7) 4RCOCI + 2LiALH,y — (RCH2O),LiAl + LiAICk 
HCl aq. | 
4RCH.OH + LiAICk 
8) 2(>RCO).O + 2LiALH,y — (RCH2O),LiAl + LiAlO: 
HCl aq. | 


4RCHOH + LiAICh 


HCl 
2RCN + LiAlHMs — (RCH2N):LiAl aq. 2RCH2N He + LiAICh 
10) 2ArNOz + 2LiAIH, — ArN = NAr + 4H: + 2LiAlO2 
11) 4RI + LiAIHy — 4RH + LiAlly 
(12) 4CH, = CH—CH:Br + LiAIH; — 4CH: = CHCHs + LiAIBry 








but dissolves freely in primary amines. The structure is face centered 
cubic a = 6.15 A with 4Na and 4B atoms in the unit cell. The latter 
probably occur in BH, tetrahedra (39). The density is probably 1.074 
g/ec. Lithium borohydride is generally comparable to sodium _ boro- 
hydride but is far more reactive towards water and moist air. its unit 
cell is orthorhombic a = 6.81A, b = 4.43, ¢ = 7.17kX, and the density 
0.66 g/ee (41). : 

Lithium aluminohydride (34) is a white microcrystalline material, mod- 
erately stable in dry air at room temperature but decomposing rapidly 
in moist air. It reacts violently with water and rapidly with alcohols. 
Its ignition temperature is approximately 130°C., and it melts with de- 
composition at 150° on rapid heating. At 120°C. it loses hydrogen slowly 
and irreversibly in accordance with the equation: 


2LiAIH, — 2LiH + 2Al + 3H; 
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It may ignite on grinding in air and it burns vigorously. Unlike the 
primary hydrides, it is quite soluble in a number of organic solvents, 
particularly the lower ethers. The solubility in diethyl ether is 30 parts 
per hundred; in tetrahydrofuran, 13 parts per hundred at 25°C. Owing 
to the recency of its discovery, few reactions of lithium aluminum hydride 
have been studied. It is almost unique in its ability as a reducing agent 
and a number of organic reactions summarized in Table IV have been 
reported by Nystrom and Brown (42). The scope of this type of reaction 
is very broad, and lithium aluminohydride may well prove to be a key 
reagent in many organic syntheses. Milas (43), for example, has reported 
the use of lithium aluminohydride in the synthesis of Vitamin A. The 
direct reduction of carbon dioxide and carboxylic acids attests the unique 
reducing power of this hydride. An important feature is its failure to 
reduce carbon to carbon double bonds unless the latter are activated by 
conjugation with a phenyl group and a C=O or N=O group. 

The use of lithium aluminohydride for the preparation of other hy- 
drides has been noted above. As the properties of the hydrides of bo- 
ron and silicon become better known, it is likely that they will find many 
uses. The organometallic hydrides of silicon are of interest in connection 
with the silicone resins. Tin, zinc, and aluminum hydrides may also find 
industrial uses, e.g., for deposition of bright metallic films. Aluminum 
hydride shows many of the reactions of lithium aluminohydride although 
its polymerization to an insoluble mass is a disadvantage. 





CONCLUSION AND SUMMARY 


The hydrides constitute a family of compounds possessing a wide variety 
of properties and a high degree of reactivity. Knowledge of this group of 
compounds is scattered and only recently has this knowledge been brought 
to the stage where rapid development becomes probable. Although more 
than a hundred hydrides have been reported, only about eight were com- 
mercially available in 1947. Current work has clarified many of the 
problems of the structure, classification and properties of the hydrides and 
both new methods of synthesis and new potentially large uses have been 
discovered almost simultaneously. It is hoped that this cursory review 
will serve to introduce the hydrides to research chemists and technologists. 


Any discussion of this paper will appear in the discussion section of Volume 93 
of the Transactions of this Society. 
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ELECTROLYTIC OZONE! 
L. PUTNAM, R. W. MOULTON, W. W. FILLMORE, ann L. H. CLARK 
University of Washington, Seattle, Washington 


ABSTRACT 


Recent investigation has shown that ozone can be efficiently prepared by 
electrolysis of perchloric acid at low temperatures. Free of nitric oxide 
and other acid impurities, electrolytic ozone was directly obtained at con- 
centrations above 20 weight-per cent. Depending on cell design, the 
diluent gases are either oxygen or a mixture of hydrogen and oxygen. 
We have also found that a variable heretofore generally overlooked in 
current efficiency studies—the effect of reducing the absolute pressure over 
the electrolyte—can have a marked effect on current efficiency. Improved 
ozone yields are obtained at absolute pressures of 0.1 atmosphere. With 
cells of the type reported herein, eutectic mixtures of perchloric acid and 
water give excellent results at temperatures below —50°C. Sodium and 
magnesium perchlorates may be added to perchloric acid solution to give 
slightly lower melting points, with indication of some increase in current 
efficiency. Provided a partially frozen electrolyte is used, current efficiency 
does not vary appreciably over a wide current density range. Smooth 
platinum is a satisfactory anode material and silver-free lead is suitable 
for the cathode. The consumption of platinum is known to be less 
probably much less—than 10 milligrams per kilogram of ozone. The com- 


‘Manuscript received January 26, 1948. U.S. and foreign patent applications 
pending. This paper prepared for delivery before ,the Columbus, Ohio, Meeting, 
April 14 to 17, 1948. 
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bined mechanical and chemical losses of perchloric acid are less than 1.7 
grams per kilogram of ozone. For the direct preparation of relatively pure 
ozone at high concentrations, the process described is more efficient than 
the silent electric discharge method. 


INTRODUCTION 


Most active of all oxidizing agents except fluorine (1), ozone has prop- 
erties of interest to the electrochemist. Acting as a chain carrier in the 
presence of oxygen (2) and as an initiator of chain reactions, whereby 50 or 
more molecules of oxygen may be caused to catalytically react per molecule 
of ozone (3), the tri-atomic form of oxygen is finding increasing industrial 
application (4). The preparation of ozone by passage of a silent electric 
discharge through air or oxygen is believed to involve the following equa- 
tions (5): 


silent discharge is 
(1) Oe — — 20 


(2) 0+0 == = 0: 


Riesenfeld and Schwab (6) prepared pure ozone by fractional distillation 
of liquid ozone. Since violent explosions result even by rapidly boiling the 
liquid, such methods cannot be used for the preparation of more than a few 
milligrams of concentrated ozone. The summation of the reactions in- 
volved in ozone synthesis at an anode may be expressed: 


(3) 3H.0 — 6H+ + O; + 6 


The purpose of the work reported herein was to obtain data necessary for 
design of an efficient process for the electrolytic production of ozone. We 
are certain that energy yields can be increased and plan to report a more 
efficient cell design in the near future. 


PRIOR ART OF ELECTROLYTIC OZONE 


That ozone can be obtained by electrolysis of sulfuric acid has long been 
known (7). Thus Briner and Yalda (8) claim yields of 11.6 g. of ozone per 
kw.-hr. by electrolysis of 38 per cent sulfuric acid at —45°C. with a 300 ml. 
cell and a total current of 0.02 ampere. Due to solution or evolution (9)? of 
ozone in the electrolyte, slight variations in temperature have an enormous 
effect on apparent ozone yield by Briner and Yalda’s method. Briner and 
Yalda bubbled an unspecified amount of air through their electrolyte, but 
there is no indication that they established constant conditions. 

Moreover, it is well known that traces of ozone are evolved in the elec- 
trolysis of perchlorate salts (10, 11). Regarding perchloric acid, Fischer 
and Massenez (7) state: ‘*... we have found that such halogen-containing 
acids are not suitable for ozone preparation.”’ 


2 Ozone is soluble to the extent of about 60 ml. of ozone per 100 ml. of water at 0°C. 
If we assume a similar solubility in 38 percent sulfuric acid at —45°C and that Henry’s 
law applies, Briner and Yalda would have had to operate up to 100 hrs. to approach 
equilibrium. Also to be considered is the formation of per sulfuric acid at the an- 
ode, with the result according to our work that yield decreases with time. We have 
never been able to obtain yields of more than 4 grams of ozone per Kw-hr. by elec- 
trolysis of sulfurie acid 
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EXPERIMENTAL 

Cells 

One of several cells used is shown in Fig. 1. The dimensions of each 
electrode were 2.8 x 1.0 cm.; distance between platinum anode and lead 
sathode, 0.75 cm.; volume of electrolyte, 30 ml.; volume of gas between 
electrolyte and absorbing solution, 28 ml. Current densities were calcu- 
lated on the basis that only one side of the cathode was effective since, in 
many cases, a layer of frozen electrolyte on the walls of the cell nearly com- 
pletely insulated one side of the cathode and inasmuch as one side of the 
cathode probably received the major portion of the current in all cases. 
































THREE WAY 
Pp - 
STOP-COCK — 
COPPER - CONSTANTAN 
THERMOCOUPLE _~— ao 
cH 
— 
ei 
Pree 
etn i! H 
1 ' 
mt ' 
GROUND GLASS [ii | |! 
JOINT ——Paiiiy os 
iy, ' 
1)! ! 
Wet 
+) om “I 
== = | ABSORBENT 
GLASS % a 
THORMOCOUPLET” tee 
WELL Cae 
LEAD fae 
| i" CATHODE a, 
4 





PLATINUM 
ANODE 








Fic. 1. Cell used for determining ozone yield as a function of absolute pressure 
over the electrolyte 


The effective cathode area was assumed to be_2.8 sq. cm. At a current of 
| amp. (35.8 amps. per dm? anode c.d.), this cell produced about 60 mg. of 
ozone per hour. Temperatures were determined with a calibrated copper- 
constantan thermocouple inserted in a glass tube well. 

A second cell is shown in Fig. 2. The immersed area of the platinum wire 
anode was 10 sq. em., and the area of the outer effective surface of the sheet 
platinum cathode was 40 sq. em. A glass cloth diaphragm’, impregnated 
with “Penchlor” cement‘ at the lower edge to prevent fraying, was attached 

? Courtesy of Owens-Corning Fiberglas Corporation, Toledo, Ohio. Fiberglas 
Cloth No. 108, 

‘ Courtesy of Pennslyvania Salt Manufacturing Company of Washington, Tacoma, 
Washington. 
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to the glass collecting hood, also with ‘‘Penchlor” cement. At a current of 
3 amps. (29.7 amps. per dm? current density), this cell produced about 175 
mg. of ozone per hour. Temperatures were determined with a pentane 
thermometer. 

The anode and cathode gases were not separated in the cell of Fig. 1, a 
mixture of ozone, oxygen, and hydrogen being evolved. In the cell of Fig. 
2, provision was made for separating the hydrogen liberated at the cathode 
from the oxygen and ozone liberated at the anode. The perchloric acid 
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Fic. 2. Diaphragm laboratory cell for ozone production 


electrolytes were prepared from J. T. Baker Chemical Company C. P. 
Analyzed Vacuum Distilled 70-72 per cent perchloric acid. 

Cells were cooled with an acetone-dry bath. For all experiments except 
those under reduced pressure, the cells were operated until more than 150 
ml. of gas had been evolved before making each test. The duration of the 
trials varied from five minutes to two hours and the amount of ozone pro- 
duced per trial varied from 0.5 mg. to 15 mg. The energy yields in the 
case of the reduced-pressure experiments are therefore believed to be a little 
higher than the determined values. Current efficiencies were calculated 
on the assumption that the electrochemical equivalent of ozone is equal to 
eight grams per faraday. 
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Identification of ozone 


That the products from perchloric acid electrolysis result entirely from 
the decomposition of water will be shown. Moreover, the cell products 
were found to contain no acid substances or compounds reacting with water 
to give acids; the anode gases liberated iodine when contacted with potas- 
sium iodide, reacted vigorously with rubber tubing, and had the char- 
acteristic clover-like odor of ozone. Nevertheless, it was deemed desirable 
to liquefy ozone from the cell gases and determine the approximate boiling 
point of the liquefied sample. 
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Fic. 3. Apparatus for determination of boiling point of ozone 


Using a current of one ampere and a 40 weight-per cent perchloric acid 
electrolyte at —50°C, an ozone-oxygen-hydrogen mixture was prepared 
with the cell of Fig. 1 and the apparatus diagramed in Fig. 3 was filled 
with the cell gases. The ozone condensed to a dark blue liquid and col- 
lected in the small glass cup on evaporation of the liquid nitrogen. The 
boiling point was taken as the temperature at which the last trace of liquid 
ozone disappeared and was found to be — 117°C which is in fair agreement 
with Riesenfeld and Schwab’s (6) figure of —112.3°C. Errors due to 
thermal lag and evaporation below the boiling point cause our figure to be a 
little lower than that of Riesenfeld and Schwab. 


Determination of ozone 


The results which we present are based on the determination of ozone by 
a modification of Thorp’s method (12). The cell gases were bubbled 
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through potassium iodide solution buffered with aluminum chloride and the 
iodine liberated was titrated with sodium thiosulfate. Regarding the 
possible effect of perchloric acid mist liberating iodine, we found that addi- 
tion of small amounts of a 40 per cent perchloric acid solution to our ab- 
sorbents caused no iodine liberation. One passage of the cell gases through 
the potassium iodide solution completely removed all ozone from our con- 
centrated gas; this is shown by passing the gas through two additional ab- 
sorption tubes. Moreover, it wasfound that more than 99 per cent of the 
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Fic. 4. Semi-log plot current efficiency vs. temperature 


ozone content of the gas could be removed by merely blowing onto the 
surface of the absorbing solution if the tip of the discharge tube was within 
one mm. of the potassium iodide solution. Checking Thorp’s method with 
the boric acid-potassium iodide absorbent of Riesenfeld and Schwab (6), 
we found that Riesenfeld and Schwab’s procedure gave somewhat higher 
results. 


‘yr 
Temperature measurement 


We feel that electrode temperature—not the temperature of the electro- 
lyte—is the temperature which should be considered as determining the 
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nature of electrode products. In our work temperature had more effect 
on current efficiency than any other operating variable (Fig. 4). In view 
of this, several determinations were made of the temperature difference 
between the anode and the electrolyte. The cell used (Fig. 5) was im- 
mersed in an acetone-dry ice bath. With an anode current density of 30 
amps. per sq. dm. and a 40 wt. per cent perchloric acid electrolyte at 
—50°C measured at C, the temperature differential between A and B was 
about 5°C, the anode having the higher temperature. That the anode is 
the point of greatest heat liberation is also shown by the contour of the 
interface between frozen and liquid electrolyte (Fig. 5). 
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SIDE ELEVATION 
Fig. 5. Cell for determination of electrode temperatures 


DISCUSSION OF RESULTS 
Temperature 


As shown by Fig. 4, temperature is by far the most important variable. 
The temperatures given in Fig. 4 and Table I follow the usual practice of 
designating temperature in terms of electrolyte temperature. In work to 
be reported in the near future, with a cell having an internally cooled 
platinum tube anode, we plan to indicate temperatures in terms of anode 
temperatures. Fig. 4 shows that the lower the temperature, the higher 
the current efficiency. 


Electrolyte composition 


Since completely frozen perchloric acid solutions are very poor con- 
} . *“,* 
ductors, the optimum electrolyte compositions for cells of the types shown 








218 PUTNAM, MOULTON, FILLMORE AND CLARK 


May 1948 


in Fig. 1 and 2 are the compositions having the lowest melting points, 
This conclusion does not necessarily apply to cells having internally cooled 
anodes because the perchloric acid concentration in the anode film is 
probably higher than the perchloric acid concentration in the bulk of the 
electrolyte. A preferred bath composition is about 40 weight-per cent 
perchloric acid; this corresponds to the eutectic of perchloric acid—water 
(13). Eutectic mixtures of perchloric acid and the perchlorates of the 


TABLE I. Electrolytic production of ozone 


; pwned Ozone Grams 
lrial Ele troly te « Om Cell no. Temp F °C. density, V oltage current ozone 
no. position, wt. % : Efficiency, per 

aye. % kw-hr.* 
sq. dm. . . 
Effect of perchloric acid concentration 
105 10% HClO, l 8.0 20 4.9 2.07 1.26 
108 20% HClO, | 8.5 20 3.5 1.97 1.69 
110 30% HClO, l 8.4 20 3.25 1.74 1.60 
128 40% HClO. l 8.3 20 3.25 2.16 1.98 
120 60% HClO, 1 9.0 20 3.72 2.54 2.02 
Effect of temperature 
119 40% HClO, l 25 10 2.75 0.61 0.66 
114 40% HClO, 56 10 5.10 14.7 8.80 
52 30% HClO, 2 27.2 9.9 3.0 0.27 0.27 
54 30% HClO, 2 5.8 9.9 3.4 0.91 0.81 
40 30% HClO, 2 50 9.9 5.1 19.4 11.4 
Effect of current density 
49 0% HCW. 2 —45t 4.9 4.8 15.6 9.6 
48 30% HCO, 2 45f 9.9 5.1 14.5 8.55 
51 30%, HCO, 2 45t 19.8 5.0 15.0 9.38 
45 10% HCO, 2 45t 29.7 5.2 14.7 8.50 
Sulfuric acid electrolytes 
121 8.6° HeSO, l 62 10 5.75 2.14 1.11 
58 28% H2SO, 2 25.2 9.9 2.4 0.25 0.315 
60 28% HeSO, 2 0.3 9.9 2.8 0.67 0.73 
62 28% HeSO. 2 52t 9.9 4.5 5.8 3.89 


* Does not include power necessary for refrigeration 
t Partially frozen electrolyte 


alkali and alkaline earth metals also give good results; thus, a solution 
having the composition 40 per cent perchloric acid, 2.5 per cent magnesium 
perchlorate and 57.5 per cent water freezes at —61°C and has been found 
to give excellent results (Table II). 


Stability of perchloric acid electrolytes 


Provided more than 50 per cent of water is present in our electrolytes, we 
have been unable to detect any indication of decomposition of our perchloric 
acid electrolytes at current densities less than 40 amps. per sq. dm. For 
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example, 35 ml. of 40 per cent perchloric acid were placed in the cell of Fig. 1 
and an identical amount of perchloric acid pipetted into a glass-stoppered 
bottle. The perchloric acid electrolyte in the cell was electrolysed at 40 
amps. per sq. dm. and a temperature of — 50°C. until 20 ampere-hours had 
been passed through the cell, water being added to maintain a constant 
electrolyte composition. On conclusion of this experiment we titrated the 
perchloric acid in the cell and in the glass-stoppered bottle with standard 
sodium carbonate. This experiment would have detected a loss of 1.4 mg. 
of perchloric acid, yet no loss of perchloric acid was found. Assuming an 
average ozone current efficiency was 14 per cent, 0.835 g. of ozone were pro- 
duced corresponding to a maximum loss of 1.7 g. of perchloric acid per kg. 
of ozone. Regarding possible explosions of perchloric acid electrolytes, 
there is no record in the literature of an explosion with aqueous solutions of 
perchloric acid containing more than 40 weight-per cent of water if reducing 
agents are absent. Any oxidizing agent, even liquid oxygen, is dangerous if 
in intimate contact with organic matter. Moreover, thermal data show 
that the decomposition of 40 per cent perchloric acid into hydrochloric acid 
and oxygen is an endothermic reaction’. 


TABLE II. Effect of reduced pressure on electrolytic production of ozone 


Cell No. 1. Electrolyte composition 40 wt. % HClO«g + 2.55% Mg(ClO«): 


Absolute Anode current Ozone current) Grams ozone 
Trial no. pressure Temp., °C. density, Voltage efficiency, per 
atm. amps./sq. dm. % kw-hr.* 
126 1.00 —58.5 20 6.0 18.6 9.25 
130 0.10 —61 3.2 4.75 20.9 13.1 
131 0.10 —53 20 5.3 25.9 14.6 
132 0.005 56 20 6.4 23.4 10.9 


* Does not include power necessary for refrigeration. 
Absolute pressure 
Decreasing the absolute pressure to 0.1 atmosphere increased the current 
efficiency and energy yields (Table II). To avoid danger of violent gas 
explosions, the cell gases should either be segregated at anode and cathode, 
or collected under reduced pressure. We have never experienced an ex- 
plosion of any sort in our work but care should be taken to avoid an ex- 
plosion with larger cells. 
Current density 
When Cell No. 2 was used with a 30 per cent perchloric acid electrolyte at 
its melting point, current density had little effect on current efficiency over 
the range of 5 to 30 amps. per sq. dm. (Table I). Current density is be- 
lieved to be an important variable only insofar as it affects anode film 
temperature and composition and the economic current densities for maxi- 
mum efficiency will therefore depend on cell design, degree of agitation of 
electrolyte, and-whether or not the anode is internally cooled. 
5 National Research Council, International Critical Tables 5 177, New York, 
McGraw-Hill Book Co., Inc. (1929). The perchlorate ion is so stable that magnesium 


can be deposited from a solution of magnesium perchlorate in ethylene diamine, as 
shown by Putnam and Kobe, Trans. Electrochem. Soc. 74. 622 (1938). 
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Anode corrosion 


The platinum anode of Cell No. 2 showed no measurable weight loss on 
completion of the tests with this cell, during which more than 200 ampere 
hours were passed through the cell resulting in the production of about 9 
grams of ozone. Assuming we would have been able to detect a weight loss 
of 0.1 mg., this corresponds to a maximum anode consumption of about 10 
mg. of platinum per kg. of ozone at 15 per cent current efficiency. The 
anode consumption is believed to be much less than 10 mg. per kg. If the 
platinum should be corroded to any appreciable extent, the major portion 
would be recovered ‘in the cell since the electrolysis products are gases. 
Moreover, it is of interest to note that, in the preparation of perchlorates by 
electrolysis of chlorates with platinum anodes, decreasing the temperature 
from 65°C to 40°C markedly decreases the corrosion of the anode (14). 
That we have no detectable corrosion of our anodes is probably due to the 
low temperatures at which we operate. : 


CONCLUSIONS 


A comparison of electrolytic ozone with silent electric discharge ozone is 
outlined below: 


Perchlorate Electrolytic Ozone Silent Electric Discharge Ozone 

1. Product contains only oxygen or 1. When air or nitrogen-containing oxy- 
hydrogen as impurities. No nitric gen is used, product is generally con- 
oxides or other acidic impurities. taminated with nitric oxides. 

2. Energy yield increases with increase 2. With air at room temperature, a 
in ozone concentration. Including typical ozone yield at 0.0025 per cent 
power necessary for refrigeration concentration is 50.7 g. per kw-hr. 
(15), we have obtained yields well With increase in ozone concentration 
over 10 grams per kw-hr. at ozone to only 0.0071 per cent, yield de- 
concentrations above 20 weight-per creases to 7.3 g. ozone per kw-hr (16). 
cent. The silent electric discharge method 


gives high ozone yields only when the 
ozone concentrations are low. 

3. Raw material is distilled water. 3. Several hundred to several thousand 
pounds of air or oxygen must be 
passed through apparatus per pound 
of ozone produced. 
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